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FOREWORD 


In ten years of teaching the theoretical side of qualitative 
analysis to freshmen and sophomores, two facts have come 
quite noticeably to the attention of the writer. One is that, 
when using texts in which there was little or no treatment of 
the theoretical matter, the students have consistently asked 
where they could find a consecutive, unified treatment of 
analytical theory in written form, to supplement their lec- 
tures. Until recently there have been no such texts of an 
elementary nature. 

The second fact is that, in such texts as have a fuller treat- 
ment of the theoretical matter, little or no attention has been 
paid to its application. Students seem to grasp the princi- 
ples involved in the concepts of the Law of Mass Action, 
Equilibrium, and the like, but the application of these prin- 
ciples to the diversified cases which arise seems to leave them 
at a loss. In the first place, every problem seems to them 
to be an individual one rather than an example of one of a 
few types, and in the second place they do not seem to know 
where to begin the attack on a given problem. With a view 
to meeting these two needs, the writer presents the following 
treatment of the subject in such a fashion, it is hoped, that 
it may be used to supplement the practical material in any 
laboratory manual the teacher prefers to use. 

Still another idea has been kept in mind. For courses of 
sufficient length and student preparation to warrant it, a 
somewhat more detailed treatment has been given in certain 
phases of the subject. Thus, a chapter on atomic structure 
and crystal structure has been included, along with a brief 
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treatment of the methods of measuring and calculating the 
degree of dissociation of electrolytes, with illustrative prob- 
lems. Calculations and problems to illustrate the value and 
practical use of the Law of Mass Action and the Solubility 
Product Principle have also been included, but in no case is 
the treatment extensive. Should the teacher feel that the 
nature of the course does not warrant the inclusion of such 
detail, these parts may easily be omitted and the subject 
treated from a purely qualitative and non-algebraic point of 


view. 
F. W. M., Jr 
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CHAPTER I 
CRYSTAL STRUCTURE AND ATOMIC STRUCTURE 


Introduction. — Whereas it may seem that there is little 
connection between the structure of atoms and crystals and 
the explanation of the phenomena occurring in analytical 
chemistry, yet it is essential that a student have a working 
knowledge of crystal structure in order to properly under- 
stand the phenomena of ionization. In addition, a good 
grasp of the electron theory helps the student a great deal 
in understanding oxidation and reduction phenomena. With 
a view toward establishing the fundamentals of these two 
ideas, the following material is presented. 


X-Rays and Electrons.— To pass an electric current 
across a gap of air, particularly if that gap is eight or ten 
inches long, requires a very high electromotive force and the 
resulting spark is irregular and zigzag. If the terminals 
from which the spark is coming are inclosed in a glass bulb 
and the pressure in the bulb is lowered by withdrawing air 
(such a device as this is called a vacuum-tube or Crookes 
tube), it becomes increasingly easier to make the spark 
cross, until, at fairly high vacua, there is a steady lumi- 
nescent stream across the gap. The whole tube then glows 
with a rather eerie greenish light. Further evacuation re- 
sults in an increased resistance to the passage of the current. 

Sir William Crookes discovered in 1874 that if an opaque 
object were placed in the path of the luminescent stream, a 
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shadow was cast on the opposite wall of the tube. A piece 
of platinum placed in the stream became red-hot. A strong 
electromagnet placed with one pole on either side of the 
stream, outside the tube, deflected the stream toward the 
positive pole. From these observations it was concluded 
that the luminescent stream was made up of negatively 
charged (attracted to the positive pole) material particles 
(heating of the Pt due to bombardment), traveling at high 
velocities. These particles, formerly called cathode rays 
because they seemed to come from the cathode in the tube, 
were studied carefully by several men, among them J. J. 
Thomson. The latter called them corpuscles. Later Storey 
suggested the name electron, which is now used exclusively. 
These electrons occur in the vacuum tube regardless of the 
nature of the electrode. It was concluded, therefore, that 
they were common to all matter. Subsequent careful study 
of the electron has led to the conclusions that the electron 
is nothing but a negative charge of electricity equal to 
4.774 X 10-° electrostatic units and that it has a mass 
about zse7 that of the hydrogen atom. 

The fact that the electron exists in the tube proves that 
there must be a positively and equally charged body to 
counterbalance the charge on the electron. Such bodies 
do exist and are positively charged atoms of the residual 
gas in the tube. As will be apparent later, the atoms of the 
gas have lost an electron each by collision with the electrons 
from the cathode, and by virtue of this loss have a positive 
charge in excess. The positively charged atoms of the gas 
are called canal or anode rays. They travel much more 
slowly than the electrons because they have a much greater 
mass. The fact that they are positive may be demonstrated 
by their deflection in a strong magnetic field. 

Vacuum-tubes were used for some twenty years before it 
was accidentally discovered that there was something hap- 
pening outside of the tube as well as within. In 1895, 
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Roéntgen discovered that there were rays of some type 
coming through the glass. Not knowing what they were, 
he called them X-rays. They are also sometimes called 
Réntgen rays. These rays have since been investigated and 
found to have rather remarkable properties, of which ad- 
vantage is taken in the present-day X-ray machine. Figure 1 
shows a standard type of X-ray tube. 





Fig. 1 
VAcuUuM-TUBE 


The tube is made of glass. It is evacuated to about 
tooo Of a millimeter of mercury, the metallic electrodes 
being sealed in the glass as shown. A current of high poten- 
tial enters at the anode (A) and leaves at the cathode (K). 
The electrons impinging upon the anticathode (Ak) give rise 
to X-rays which are invisible. The X-rays pass through 
the walls of the tube. 


Properties of X-Rays. — As before stated, X-rays have 
remarkable properties. ‘They have been very important fac- 
tors in some of the most fundamental discoveries concerning 
the nature of the atom. Whenever swiftly moving electrons 
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are made to impinge on some object, X-rays are generated. 
These X-rays are the same in nature as light-waves except 
that the wave-length of the former is much shorter. The 
generation of X-rays may be looked upon as being somewhat 
similar to the formation of light-waves from a hot body. 
It has been clearly demonstrated that radio-waves, light- 
waves, and X-rays are all electromagnetic waves varying in 
wave-length only. 

Perhaps the most remarkable property of X-rays is their 
penetrative ability. They are able to pass through glass, 
as we saw above, and through wood or flesh. In addition, 
they are able to affect a photographic plate and it is from 
this that their great usefulness comes. When X-rays are 
passed through media of different densities, through flesh 
and bone, for instance, the latter, being denser, prevents the 
passage of the rays more than does the flesh. The result 
on the photographic plate is that where the bone has pre- 
vented the passage of some rays, there is less effect upon 
the plate than in the flesh section, and a shadow-picture of 
the object is taken. We are all familiar with the value of 
the X-ray photograph in surgery, dentistry, and medicine. 

X-rays also have a peculiar ability to knock electrons 
loose from atoms. Thus, as has been shown, if a gas is 
subjected to X-ray treatment, electrons are expelled from 
the atoms of the gas as a result of the intense jar of collision 
with the X-rays. The atom of the gas with one or more 
electrons knocked out is now positively charged, as may be 
shown by means of an electroscope. This phenomenon re- 
minds us of the dissociation of electrolytes in solution, except 
that in this case no collision of X-rays is necessary. We 
will see later that the two phenomena are actually the same 
in principle. 


X-Ray Spectra. — Knowing that light-rays and X-rays are 
vibrational phenomena of the same type, we should expect 
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them to show somewhat similar properties. (The wave- 
length of light is about 1,000 times greater than that of 
X-rays.) It is well known that if a metal mirror is ruled 
with from 50,000 to 100,000 lines to the inch, it will, as a 
result of interference phenomena, resolve white light into its 
spectrum. The number of rulings on the grating is deter- 
mined by the wave-length of the light. Now, since X-rays 
have a wave-length about zo'oo that of light, we should be 
able to get an X-ray spectrum if we can get a grating with 
rulings about zo'oo the distance apart of those on the light- 
grating. It is not humanly possible to rule 50,000,000 lines 
to the inch, but it occurred to Professor Laue in 1912 that 
if crystals were made up of orderly rows of atoms, as their 
beautifully symmetrical structure indicated, these rows 
should be about 1,000 times closer together than the rulings 
on a light-grating, and should, therefore, give X-ray spectra. 
Experiment corroborated his hypothesis. 

In a light-grating, all the lines causing diffraction are 
obviously in the same plane, and the patterns obtained as a 
result of the breakdown of light are relatively simple. In 
the case of crystals, the rows of particles do not lie in the 
same plane. As a result, there is reflection and diffraction 
at each successive plane of particles and a much more com- 
plex pattern results. Since the principles involved in the 
study of crystal structure are rather complex and difficult, 
no further discussion of it will be attempted here.* Suffice 
it to say that there are some 320 possible crystallographic 
arrangements apportioned into seven systems of symmetry 
and thirty-two classes of crystals. The space-patterns of 
these crystals are best interpreted by assuming that a series 
of contiguous small cubes are formed by the intersection of 


* For a more detailed discussion in simple form see Kendall, Smith’s 
Inorganic Chemistry (1926), p. 64 ef seg. For a complete discussion, 
see W. H. and W. L. Bragg, X-Rays and Crystal Structure. Since the 
Smith-Kendall text is referred to frequently in what follows, it will be 
designated simply as “S-K, p. —.” 
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parallel planes within a large cube. All the possible ar- 
rangements of the atoms within the crystals may be inter- 
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Fre. 3 
Structure or Sopium CHLORIDE 


preted in terms of different configurations of these small 
cubes, called “space-lattices.” Figure 2 illustrates these 
types. Let us consider one well-known example which will 
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bring out a fact of considerable importance in the theory of 
ionization. 

In common salt the arrangement of atoms has been found 
to be as indicated in Figure 3. Instead of being made up 
of molecules of NaCl, as was commonly thought, the crystal 
is made up of positively and negatively charged atoms of 
sodium and chlorine respectively and there is no actual 
combination. The atoms of Nat and Cl are not really so 
far apart as is indicated in the diagram. They are so drawn 
for the sake of clarity. 

There is no specific relationship between any two atoms 
within the crystal to the exclusion of others. Each posi- 
tively charged atom of sodium is surrounded by six nega- 
tively charged chlorine atoms; each negative chlorine atom 
is surrounded by six positively charged sodium atoms; and 
the whole is apparently held together by the electric forces 
originating in the exchange of charges. We can consider 
that a sodium atom has given up a negative charge (electron) 
to the chlorine and has itself become positively charged as 
a result. After we have studied the structure of the atom 
in detail, the above statements will have more significance. 


Radioactivity. — Becquerel, a French physicist, in investi- 
gating fluorescent substances to find if they gave X-rays, 
discovered that uranium salts affected a photographic plate 
through its black paper covering in the same way as did 
X-rays. This led to the discovery that all uranium salts | 
gave off penetrating rays. At Becquerel’s suggestion, Mme. 
Curie carried the investigation of these active minerals further 
and discovered that certain uranium ores containing relatively 
little of that element were much more active than a pure 
uranium salt. This ledin turn to the discovery of radium, 
an element about 2,000,000 times more active than uranium. 

Since that time several other so-called “radioactive”’ 
substances have been found and extensively studied. They 
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all have the property, which as yet has not been controlled 
in any way by man, of giving off rays of three types, though 
but few of them give all three. The three types of rays 
have been called a, 8, and y rays, and are similar in charac- 
ter to the canal rays, cathode rays, and X-rays respectively, 
of an X-ray tube. 

Alpha Rays. — These rays are positively charged particles 
traveling at enormous rates of speed. Rutherford has shown 
that these a particles are charged positively with a charge 
equivalent to that of two electrons. Thus, when two elec- 
trons come in contact with an a@ particle, its charge is neu- 
tralized and an atom of the gas helium is formed. It appears, 
then, that a particles are atoms of helium gas which have 
lost two negative charges (as will appear later, they are 
made up of four + and two — charges). The a rays corre- 
spond to the canal rays of the vacuum-tube, except that the 
latter are much less speedy and vary in size, whereas @ rays 
are all of the same size. 

Beta Rays. — These correspond to the cathode rays of the 
vacuum-tube and are unit negative charges of electricity or, 
in other words, electrons. They travel at much greater 
rates of speed than do cathode rays. They are, consequently, 
much more penetrating. 

Gamma Rays. — These are identical with X-rays except 
for shorter wave-lengths. They are probably produced by 
the impact of the 8 rays on surrounding matter. This is 
evidenced by the fact that the y rays never occur in an 
element which does not give 6 rays. We must keep in 
mind the fact that while the rays emanating from radio- 
active elements are of three kinds, each element does not 
give all three. The emission of all three is the exception 
rather than the rule. 


The Structure of the Atom. — Discovery of the electron 
and the facts of radioactivity contributed greatly to the 
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problem of elucidating the structure of the atom.* The fact 
that the electron or 8 particle had the same charge and 
mass (0.00054 = ys's7 of the mass of an H atom), regardless 
of what element it came from, was a significant indication 
that all elements contained electrons. The same was true of 
a particles. No matter what radioactive element was studied, 
if it gave off a particles, they were all identical. These facts 
and many others which could not well be included here led 
to the present-day theory of the structure of the atom. 

J. J. Thomson was the first to suggest that the atom was 
made up of electrons distributed through a sphere of elec- 
tricity. In 1911, Rutherford, accepting the fundamental 
idea that all atoms were made up of positively and nega- 
tively charged particles (now called protons and electrons) 
of electricity, suggested certain alterations in Thomson’s 
theory. Rutherford postulated a central positively charged 
nucleus surrounded by planetary electrons, in the fashion of 
our solar system and similarly spaced, i.e., the electrons at 
relatively large distances from the nucleus and from each 
other. The central positively charged nucleus represents 
almost the entire weight of the atom, whereas the planetary 
electrons lend to the atom its volume. The experiments to 
support these ideas were somewhat as follows. Rutherford 
and his co-workers bombarded very thin sheets of metal 
with the positively charged a@ particles from a radioactive 
material. They demonstrated that some of these a particles 
would have to pass directly through some of the atoms of 
the metal. In so doing, it was observed that these a particles 
suffered wide deflections from their original paths. This 
pointed very definitely to the fact that the positive charge 
of the a ray had met a strong repelling (and therefore posi- 
tive) charge. This led to the conclusion that the positive 
charge in the atom was greatly concentrated in what is now 
called the nucleus. From the data obtained, it was calcu- 

* S-K, p. 518 et seq. 
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lated that the mass of this nucleus represented almost the 
entire weight of the atom and that the charge on the nucleus 
was equal to the charge on the planetary electrons multi- 
plied by a number which was approximately one-half the 
atomic weight of the element. 

Since the successive atomic weights of the elements vary 
by approximately two units, it was suggested by van der 
Broek that the electronic charge be multiplied by the num- 
ber representing the order of occurrence of the element in 
the periodic system starting with hydrogen. This would 
give a number approximately equal to the atomic weight 
over two. That this suggestion had a rather startling sub- 
stantiation in the actual make-up of the atom will be seen 
in the work of Moseley on atomic numbers. Of course it 
should not be thought that the suggestion of van der Broek 
was entirely fortuitous, because it had been felt for a long 
time that there must be something more fundamental than 
the atomic weight connected with the structure of the atom. 


Atomic Numbers. — By using the crystals of different 
elements as the anticathode in an X-ray tube, Moseley in 
1914 showed that they emitted X-rays with frequencies 
characteristic of each. The radiations characteristic of each 
element occur in two series, called the K and L series. It 
was found that the frequencies varied by a constant amount 
as successive elements in the periodic table were studied, and 
if these frequencies are plotted for successive elements, a 
result similar to Figure 4 is obtained. 

Moseley found too that, if the square of the frequency was 
plotted against the atomic weight, no great regularity was 
evident; but if the number representing the order of oc- 
currence of the element in the periodic table (calling hydro- 
gen 1) was substituted for the atomic weight, an excellent 
straight-line graph was obtained. Moseley decided that the 
atoms of the elements varied from one to the next by a 
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constant quantity which he called Q. Let us quote his own 
words: 


“Tt is at once evident that Q increases by a constant amount as 
we pass from one element to the next, using the chemical order 
of the elements in the periodic system.... While, however, Q 
increases uniformly, the atomic weights vary in arbitrary manner. 

. We have here a proof that there is in the atom a fundamental 
quantity which increases by regular steps as we pass from one 
eement to the next. This quantity can only be in the charge of 
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the central nucleus, of the existence of which we have definite 
proof. Rutherford has shown from the magnitude of scattering 
of a particles by matter that the nucleus carries a positive charge 
approximately equal to A/2 electrons where A is the atomic weight. 
... Now the atomic weights increase on the average by about two 
units at a time, and strongly suggest the view that the quantity Q 
increases from atom to atom always by a single electronic unit. 
We are therefore led by experiment to the view that @ is the same 
as the number of the place occupied by the element in the periodic 
system. This atomic number is then for H, 1; for He, 2; for Li, 3, 
etc.” * 


* See S-K, inside back cover, for atomic numbers. 
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An Epitome of Current Ideas Concerning the Atom. — 


From the facts quoted and other data too numerous or 
complex and lengthy to cite, the following conclusions re- 
garding the structure and properties of the atom have been 
reached and almost universally accepted: 


ik 


2. 


10. 


That atoms are made up of positive and negative charges 
of electricity. 

That the positive charges are concentrated in the 
nucleus. 


. That, excepting hydrogen, the nucleus also contains 


electrons, but that the positive charges (called protons) 
are in excess. 


. That the excess protons of the nucleus are electrically 


neutralized by a system of planetary electrons. 


. That the nucleus represents practically the whole of the 


weight of the atom, though it is very small and compact. 


. That the excess protons of the nucleus (also the plane- 


tary electrons) represent the atomic number of the 
element. 


. That the electrons represent the volume of the atom and 


are at relatively large distances from one another. 


. That the chemical properties (valence, activity, negative 


or positive character, and so on) of the elements are 
dependent on the number and arrangement of the elec- 
trons in the outer (planetary) layer. 


. That no changes in the nucleus take place except in 


radioactive transformation, but that all chemical changes 
are effected through the functions of the planetary 
electrons. 

That the electrons are arranged in successive rings with 
the following numbers representing the maxima of elec- 
trons possible in each successive ring, beginning with 
the innermost: 2, 8, 18, 32, 50, 72. With the elements 
known at the present time, the last two shells are in- 
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complete. (The terms rings and shells are used inter- 
changeably.) 


Prout’s and Harkins’s Hypotheses. — The idea of some- 
thing more fundamental than the atom was not a new one. 
In 1815, Prout suggested the hypothesis that all elements 
were made up of hydrogen combined in more or less com- 
plex aggregates and that therefore their atomic weights 
were all multiples of 1. This caused a great deal of contro- 
versy, but was discarded entirely about fifty years later 
when Stas, by some remarkably accurate analytical work, 
showed that the atomic weights of the elements were not 
whole numbers and therefore not multiples of 1. It is as- 
tonishing to note how remarkably accurate Prout’s prognosti- 
cations were in the light of present-day evidence, for in 
spite of Stas’s work, chemists felt that when the atomic 
weights of the elements are calculated on the basis O = 16, 
the fact that so many of them are whole numbers, or very 
nearly such, could not be accidental. In fact, it was demon- 
strated mathematically that the chance of so many atomic 
weights’ being practically whole numbers by accident was 
only one in many billions. Harkins has proposed a theory 
in recent times which is fundamentally the same as Prout’s. 
He says that all elements the atomic weights of which are 
divisible by four are made up in the nucleus of a particles, 
with or without free electrons as the case may require. Thus, 
oxygen with atomic weight 16 has a nucleus made up of 
four a particles = 4 He ions, and thus gives eight excess 
positive charges in the nucleus. Since the atomic number 
(see p. 13) of O is 8, no other free electrons are necessary in 
the nucleus. In the case of an element like argon, with 
atomic weight practically 40, it is assumed that there are 
ten He ions making up the nucleus; but since the atomic 
number of A is 18, and ten Het*+ would give an atomic 
number of 20, it is assumed that there are two electrons in 
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the nucleus. This leaves an excess of eighteen positive 
charges in the nucleus and thus an atomic number of 18. 
In the cases of elements the atomic weights of which are 
not divisible by 4, it is assumed that the nucleus is made 
up of a particles, protons, and electrons. Thus, sodium, with 
an atomic weight of 23 and the atomic number 11, is made 
up of five Het+, three Ht, and two electrons. We have here 
thirteen excess positive charges, two of which are neutral- 
ized by the two nuclear electrons, giving an atomic number 
11. Since the Het+ has a weight equal to 4, the atomic 
weight of the element is 5 X 4+ 3 = 23. 

When we consider that the He** ion is believed to be 
made up of four H+ (protons) with two nuclear electrons to 
give the atomic number 2, it is clear that the elements ac- 
cording to this theory are made up fundamentally of atoms 
of hydrogen, which is Prout’s hypothesis. (The objection 
that the atomic weight of He is not exactly four times that 
of H is met by assuming a packing effect, for the explana- 
tion of which the student is referred to a more detailed text.*) 

The explanation of fractional atomic weights has been 
satisfactorily reached through the brilliant work of Aston 
and Dempster, which will be considered later on. 


Chemical Action and Atomic Structure: the Langmuir, 
Lewis, and Kossel Hypotheses. — Since the number and 
arrangement of the extranuclear electrons determine the 
chemical activities of the elements, it would seem very im- 
portant to know all about them. Unfortunately the disposi- 
tion of these electrons is not settled, and a diversity of 
opinion exists. The physicists, represented by Niels Bohr, 
in order to explain certain spectral phenomena of the atom, 
have insisted that the electrons are in violent motion, whereas 
G. N. Lewis and his followers, on the other hand, to explain 
chemical phenomena, have proposed a static atom. Eventu- 


* §-K, p. 531. 
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ally, in all probability, a hypothesis will be proposed which 
will embrace both satisfactorily, for both, quite evidently, 
have many substantiating experimental data behind them. 

Since we are concerned at present only with the chemical 
properties of the atom, we will confine our attention to the 
chemist’s point of view. We may consider the very inert 
rare gases of the atmosphere — helium, neon, argon, and the 
like —as standards of chemical activity, and stability of 
arrangement within their respective atoms, since for all prac- 
tical purposes their activity is zero, and their electronic 
arrangement, therefore, may be considered to be the most 
stable. Since the helium atom is known to have two elec- 
trons outside of its nucleus, it is logical to assume that the 
most stable arrangement of these two electrons would be on 
opposite sides of the nucleus, in such a manner that a line 
would pass through all three centers as shown in Figure 5. 
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The next stable and inert element occurring in order in 
the periodic table is neon, with ten extranuclear electrons. 
How are we to arrange these in a manner representing great 
stability? Lewis suggested that the next most stable ar- 
rangement to the pair of helium, is the octet (from whence 
comes the name Octet Theory), with eight electrons occupy- 
ing the corners of a cube and inclosing the stable pair within, 
to make up the total of ten electrons. This might be repre- 
sented as in Figure 6, though we must keep in mind that the 
lines are imaginary and are used only to make matters 
clearer. 

The next inert gas is argon, with the atomic number 18, 
and therefore having eighteen extranuclear electrons. The 
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most stable configuration for it would be a pair and two 
octets, making three layers in all. 

Having set certain standard arrangements of stability, let 
us now turn our attention to the more chemically active 
atoms and attempt to explain their behavior in terms of 
electrons, remembering that it is a universal tendency for 





Fie. 6 


Evectron Srructure or NEon 


substances in a less stable state to approach a more stable 
one. In terms of electrons, then, we can say that: All 
atoms tend to assume one of the more stable configurations 
(either a pair or an octet) in their reactions. Consider the 
element lithium with the atomic number 3, and thus three 
planetary electrons. Two of these three complete the pair 
of the first shell and the third occupies one corner of the 
second shell cube, as shown in Figure 7. 

The simplest way in which this atom could assume a stable 
configuration is to revert to the stable pair. This could be 
accomplished by the loss of the one electron in the second 
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shell, leaving thus a positively charged lithium atom, since 
the three planetary electrons were originally balanced by 
three protons (3+) and the loss of one electron then leaves 
a proton (1*) in excess. The marked tendency of lithium to 
enter the ionic state is thus simply explained. Since there is 
but one proton in excess, the tendency to retrieve the lost 
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electron is not very great, and we say that lithium is strongly 
electropositive. 

The next element, beryllium, with the atomic number 4, 
has four planetary electrons and therefore four excess pro- 
tons (4+). This element can be assumed to have a stable 
pair and two corners of the second-layer cube occupied. 
The tendency is to give up these two second-layer electrons 
and revert to the helium configuration, leaving thereby two 
protons (2+) which are not electrically neutralized. This 
forms the positive Be*+* ion. Since there are now two pro- 
tons in excess, the tendency to retrieve the lost electrons is 
assumed to be greater, and thus the tendency for Be to 
remain electropositive is not as great as for Li. 
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Boron, having the atomic number 5, is next. It has three 
electrons in the second shell. By loss of these three, the 
trivalent B*+++ ion is formed, but is less electropositive than 
the previous two, by the same chain of reasoning. 

The occurrence of carbon next introduces a new thought. 
Having four electrons in the second shell, it is halfway 
between the helium configuration with no electrons in the 
second shell, and the neon configuration with its full com- 
plement of eight electrons in the second shell. Should not 
carbon tend to go toward one structure as readily as toward 
the other? We should say yes, except for the belief that the 
pair-structure is more stable than the octet, since helium 
seems to be more stable than neon. Carbon, then, instead 
of taking up four electrons to assume the neon configuration 
with a valence of — 4, though it can and does do this, leans 
more readily toward losing four electrons and assuming 
the helium structure with a valence of + 4. The fact that 
the compounds of + 4 carbon, such as COs, are more stable 
than the compounds of — 4 carbon is taken in support of 
this hypothesis. It should not be thought from this that 
carbon forms positive and negative ions. This is explained 
later under ‘‘sharing”’ electrons. 

As we pass beyond carbon, however, we approach more 
closely to the neon configuration. Let us first consider the 
element which approaches neon most closely in its structure, 
fluorine, with the atomic number 9, which means two elec- 
trons for the pair and seven in the second shell, as shown in 
Figure 8. 

The nearest approach to stability here, obviously, is the 
assumption of one electron to complete the octet and give 
the neon configuration. This would give an excess of one 
electron and form the F’~ ion, thus explaining the outstand- 
ing tendency of fluorine, which is to assume the ionic condi- 
tion. The other possibility, of reverting to the helium 
configuration by loss of seven electrons, is not nearly so 
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great, since the seven positive protons left in excess would 
have such a large tendency to take up the electrons lost that 
the fluorine ion with seven positive charges would not be 
stable. 

In a similar way, the negative trivalence of nitrogen and 
the divalence of oxygen may be accounted for, along with 
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their decreasing negativity because of the increasing number 
of electrons to be captured and held. 

The Lewis hypothesis, modified in some respects by Lang- 
muir and Kossel, thus accounts for the valence changes in 
the elements as we move across the periodic table, and at 
the same time for their electropositive or electronegative 
character. We have, however, considered only the first 
series of elements. If we consider sodium, which has a 
positive valence of + 1, the same as for lithium, how are 
we to account for the fact that the former is more electro- 
positive? The answer to this is believed to lie in the screen- 
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ing effect of the first octet. Sodium becomes an ion by losing 
its outer electron, since its arrangement presumably con- 
sists of a pair, an octet, and one electron in the third shell. 
The loss of this outer electron gives the neon configuration, 
but owing to the fact that the first octet is believed to exert 
a protective effect in preventing the excess proton of the 
sodium ion from recapturing its lost electron, sodium is more 
electropositive than lithium. In similar fashion, the lesser 
degree of negativity of chlorine as compared with fluorine 
may be explained. 


How Elements Combine by Exchanging Electrons. — We 
have seen that the more electropositive elements tend to 
lose electrons and the more electronegative ones tend to 
gain them in order to approach more stable configurations. 
Here immediately a fertile possibility suggests itself. If an 
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electropositive element, say sodium, tends to lose an electron 
and an electronegative element, say chlorine, tends to gain 
one readily, should these two elements not combine vigor- 
ously, since their tendencies are complementary? We have 
plenty of evidence for such combinations; the most electro- 
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positive elements combine very readily, even violently, with 
the most electronegative ones, to form very stable com- 
pounds, such as lithium fluoride, sodium chloride, and potas- 
sium chloride. Let us keep well in mind the fact that such 
compounds are formed by an exchange of electrons and are 
really made up of separate ions. This is supported by the 
study of crystal structure, as was indicated previously for 
sodium chloride. Figure 9 is a diagrammatic representation 
of the combination of lithium and fluorine by exchange of an 
electron. 

As a result of this transference, lithium has lost an elec- 
tron and fallen back to the stable helium configuration, while 
fluorine has filled up its octet to reach the stable neon 
structure. The result is a very stable compound, since the 
two atoms each have reached a stable unit from which there 
is little tendency to change. 


How Elements Combine by Sharing Electrons. — As was 
seen from their crystal structure, compounds like lithium 
fluoride and sodium chloride do not have their atoms actu- 
ally united. As a result, when their crystals are dissolved 
in water, the charged atoms remain in the dissociated condi- 
tion and the solution is a conductor of electricity. On the 
other hand, we know of many compounds which are not 
conductors of electricity, and it is reasonable to assume, 
therefore, that there is something different about the way 
in which their atoms are combined. Lewis postulated that, 
in this undissociated type of compound, instead of an ex- 
change, there is a sharing of electrons. Thus, consider the 
combination of two atoms of fluorine to form the undisso- 
ciated, stable fluorine molecule. Both atoms are electronega- 
tive, so there is no reason to assume that one will give up 
an electron to form an atom with one excess positive charge, 
while the other, gaining the electron, acquires an excess 
negative charge. This would mean two kinds of fuorine 
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atoms, and there is no reason to believe that such exist. 
Instead, it is assumed that each atom in complementary 
fashion fills its octet by sharing an electron from the octet 
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of the other atom. The diagram in Figure 10 makes this 
clear (the electron pair is omitted for simplicity). 

Thus by the coming together of the two atoms, the de- 
ficiency of one electron in each octet is supplied by an 
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electron from the other octet and we again have a very 
stable configuration. There is no transference of electrons 
and each atom is neutral as it was before. This is the type 
of combination we find in most organic compounds, which 
in general do not ionize. 
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The sharing of two electrons brings about what is called 
the ‘“‘single bond”’ and in cases where two pairs of electrons 
are shared, the ‘‘double bond.” This is the case for oxygen, 
for example, as shown in Figure 11. 

The oxygen atom, having a deficiency of two electrons in 
its first octet, finds its complement in the unfilled octet of 
the second oxygen atom, with the resultant sharing of two 
pairs of electrons as shown. This formation of the ‘‘double 
bond” is very common in organic chemistry. 

The fact that illustrations involving only atoms of one 
element have been used to illustrate electron-sharing should 
not mislead us into thinking that compounds of different 
elements cannot be formed in this way, for they can and are. 
In addition, it must be kept in mind that the lines represent- 
ing the cubes are non-existent, as are the cubes themselves, 
and that whereas the cubes are shown in actual contact, it 
is probable that the position of the shared electrons is actu- 
ally somewhat distorted from the position which the cube 
would indicate. In other words, the shared pair should 
probably be represented as lying between the two atoms. 


Lewis’s Method of Representation. — To facilitate draw- 
ing of the atoms and eliminate the time required to draw 
in the cubes, Lewis has adopted the system of representing 
the electrons of the outer (valence) shell by dots around the 
symbol for the element, arranging the dots in pairs as far 
as possible. Thus sodium is denoted as Na’ and chlorine as 


Clk The compound of the two, sodium chloride, is given 


as Na ‘Cl:- It will be noted that the bonding pair is put 
nearer the chlorine symbol to show that the transference of 
the electron is in that direction. 


Fluorine and oxygen are represented as follows: 
eh O20 
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A compound like carbon tetrachloride is represented thus: 
‘OL 
Oli C al; 

GE 


Since this compound has some ionic properties, it is assumed 
that the four valence electrons are transferred, at least 
partly, to satisfy the octets of the chlorine atoms. 


Polar and Non-polar Compounds. — We have assumed 
that compounds which are ionized are formed by a transfer 
of electrons; those which are not ionized, by sharing. In 
so doing we have actually thought of only two extreme cases: 
complete dissociation in solution and complete lack of dis- 
sociation. This leaves out of consideration the many com- 
pounds which are only partly dissociated. The probability 
is that complete transfer and complete sharing are extreme 
cases and that there exist all the intermediate stages of 
partial transfer and partial sharing which represent the 
different degrees of ionization in solution. 

Because compounds which are formed by transfer of elec- 
trons are like a magnet in having a negative and positive 
part or end, they are called polar. The other class of com- 
pounds, being electrically neutral, are called non-polar. 


Electrons and Valence. — Let us consider the concept of 
valence in connection with electrons in a little more detail 
than that in which it has already been treated. At first 
sight, the idea of valence in terms of electrons seems quite 
simple; thus in the lithium atom we have a pair of electrons 
in addition to a single one in the second shell. These are 
balanced by three excess protons in the nucleus, and we say 
that lithium has zero valence. The lithium atom gives up 
its outer electron to another atom, say chlorine, and in so 
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doing leaves a positive charge of one proton in excess. We 
say that lithium now has a positive valence of one. 
Consider chlorine; it has a pair in addition to seven elec- 
trons in its first octet. These are balanced by seven protons 
in excess in the nucleus. The chlorine receives the electron 
from the lithium to complete its octet. It now has an elec- 
tron in excess, and we say that chlorine has a negative valence 
of one. Thus far we have thought of chlorine only as re- 
ceiving electrons, but it has the ability to give up its own 
electrons in addition (at least partially). This must be 
assumed in order to explain the existence of compounds like 
the oxygen acids of chlorme, HOC], HOCIO, HOCIO, and 
HOCIOs;, because oxygen is assumed to be negative’in all its 
compounds. It must, therefore, receive electrons from chlo- 
rine, the latter becoming positive as a result. In the par- 


ticular instance of Ht 16) ‘CL, the oxygen has probably 


received an electron from the hydrogen and one from the 
chlorine, though the latter transfer must be much less complete, 
as would appear from the ionic properties of the compound. 
The chlorine in the ClO~ radical is, then, monovalent positive. 
In the same fashion, chlorine can, by loss of its electrons, 
be assumed to show positive valences of three, five, and seven. 

Judging by what has gone before, it would seem unlikely 
that chlorine and other very electronegative elements would 
give up their electrons, but apparently they do, for the 
oxygen acids of chlorine can be reduced and the chlorine 
returned to its state in a chloride. As we shall see later, 
reduction is the act of returning electrons, so it is fair to 
assume that they have been lost. 

Another fact which appears from what has been said 
about such compounds as hypochlorous acid and the like is 
that it is possible and probable that there are both polar 
and non-polar unions in one compound. In perchloric acid, 
for example, the linkage between the H and the O seems to 
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be polar, whereas the linkages between the Cl and the O 
atoms appear to be non-polar. 

The question of multiple valence of an element introduces 
an idea of the type which we have not considered. As is 
well known, elements like Fe and Sn have more than one 
valence; iron, for example, has valences of two and three. 
This is explained by assuming that the valence shown in a 
particular instance indicates the number of electrons in the 
valence shell. The others are assumed to drop back into the 
next lower shell. This means in the case of iron that, having 
an atomic number 26, when its valence is two, the arrange- 
ment is two electrons in the first shell, eight in the second, 
fourteen in the third, and two in the outer or valence layer. 
When the valence is three, there are only thirteen in the 
third layer and three in the valence layer. 

This differs from the chlorine type of multivalence, because 
the latter has no similar incomplete ring to which the elec- 
trons may drop back. 


Isotopes. — It was previously stated that the proximity 
of atomic weights to whole numbers was rather remarkable. 
We have seen since that there is good evidence for believing 
that the elements are made up of.unit substances. There- 
fore, each element, being a composite of a given number of 
these substances, should have a whole number representing 
its atomic weight. Why then does chlorine, for example, 
have an atomic weight of 35.46? 

This question was answered by a very fine piece of work 
by Aston and Dempster. By taking advantage of the fact 
that the canal rays of the elements in gaseous form in a 
vacuum-tube were positively charged, and by subjecting 
these rays to the action of two electrically charged plates, 
they were able to show that the elements were not made up 
of atoms of the same mass. Instead they were found to be 
made up of atoms with as many as eight different atomic 
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weights, all close together. Thus, tin is not made up entirely 
of atoms with atomic weight 118.7, but a mixture of atoms, 
some of atomic weight 124, some 121, 119, 118, 117, and 116. 
The atomic weight 118.7 is only the average weight of the 
different amounts of these atoms of varying atomic weights.. 
Since these atoms have different weights but identical chemi- 
cal properties, they are called sotopes. All elements, of 
course, do not have eight isotopes. Some have only one 
atomic mass, as carbon and nitrogen. Others have two, 
three, or more. 

How can we have elements with different atomic weights 
and yet the same chemical properties? Our electron theory 
answers this beautifully. If the nucleus of each has a differ- 
ent number of protons, the weights will vary, but if the 
planetary electrons are the same, the chemical properties 
will be identical. 


SUMMARY 
We have just learned that: 


1. Electrons are generated in a vacuum-tube and are nega~ 
tively charged particles of electricity of a weight about 
tso7 that of a hydrogen atom. 

2. X-rays are the same in nature as light-rays but have 
much shorter wave-length. 

3. X-rays are due to electron bombardment and are very 
penetrating. 

4. It is possible to determine the arrangement of atoms in 
crystals by means of X-ray spectra. 

5. In some compounds, the atoms are not joined together 
to form molecules, but are separate. 

6. Radioactive elements give a, 8, and y rays which corre- 
spond respectively to the canal, electron, and X-rays of 
the vacuum-tube. 

-7. Atoms are made up of a nucleus containing protons and 
electrons, and a planetary system of electrons. 
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8. 


a 


10. 


11. 
12. 


13. 


14. 


15. 


16. 


The nucleus represents the weight, the planetary system 
the volume, of the atoms. 

The number and arrangement of the planetary electrons 
determine the chemical properties of the atom. 

The number of excess protons in the nucleus is the atomic 
number of the element and is more fundamental than 
the atomic weight, though not as useful for purposes of 
calculation. 

Atomic numbers are determined from X-ray spectra. 
Elements tend to approach stable electron arrangements 
in entering chemical combination. The most stable ar- 
rangement is the pair; next, the octet. 

Atoms combine by exchange and sharing of electrons or 
by intermediate combinations of both processes. 
Compounds which are ionized in solution have been 
formed, at least partially, by electron exchange and are 
called polar. 

Compounds which do not dissociate in solution are 
formed by electron-sharing and are called non-polar. 
The outer electron ring of an atom is ealled the valence 
layer, and by loss or gain of electrons explains the 
valence manifestations of the element. 


. Multivalent elements are explained by the dropping 


back of valence electrons into the next ring. 


. Elements are made up of isotopes. These are atoms of 


different mass but identical chemical properties. 


. The atomic weight is an average of the masses of the 


isotopes. 


QUESTIONS 


. Explain what takes place in a vacuum-tube and describe the 


resulting rays. Do the same for radioactive elements. 


. Define the term electron. How can the nature of an electron’s 


charge be shown? 


. What are X-rays? Describe three valuable uses of X-rays in 


scientific work. 
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4. 


5. 


14. 


15. 


Describe the structure of the atom as accepted at the present 
time. On what major points is there still disagreement? 

To what men are we chiefly indebted for knowledge of the 
structure of the atom? Discuss the contributions of each. 


. Discuss the significance of the term atomic nwmber. Whence 


did it originate? Who proved its significance and how? 


. What is meant by the octet theory? Who was its originator? 


Who also contributed? 


. Starting with helium, describe the first eight elements in in- 


creasing order of atomic weight, so far as their electron ar- 
rangements are concerned. 


. Tell what happens electronically when the beryllium ion is 


formed. Why is it less electropositive than lithium? 


. Why is sodium more electropositive than lithium? 
. Explain in terms of electrons the formation of lithium fluoride; 


of two atoms of hydrogen. 


. What is meant by ‘‘sharing”’ electrons? By electron “exchange”? 


To what types of compounds do these processes give rise? 


. Explain valence in terms of electrons. How is multivalence 


accounted for? Explain the probable electron arrangement of 
Sa 


bie a 
Mnt, Mnt++, Mnt+t, and Mn***, (Atomic number, 25.) 
What is an isotope? How and by whom were they demon- 
strated? Explain their connection with atomic weights. 
Why are all atomic weights not whole numbers? Which ones 
are most likely to be whole numbers and why? 
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Introduction. — If we stop to classify the tests used in 
qualitative analysis, we find that the great majority of them 
depend upon the precipitation of one substance or another. 
The processes which lead up to the final test for an element 
are selective processes of solution and precipitation, each 
one narrowing the trail which leads to the single element. 
Thus, in the procedure often used for the elements Co, Ni, 
Mn, Zn, Fe, Cr, and Al, these are first precipitated as sul- 
phides and hydroxides and this precipitate is treated with 
cold dilute HCl. This separates the sulphides of Co and Ni. 
Al and Zn may then be separated from the remaining three 
by means of boiling with NaOH and water, and then sepa- 
rated from each other by precipitating the hydroxide of Al. 
Continuing in this manner, we would see that the whole of 
qualitative analysis is a continuous process of solution and 
precipitation, with an occasional bead-test or color-test by 
way of exception. For accurate and intelligent analysis, 
then, a clear knowledge of the processes which go on in 
solution is indispensable. 


Behavior of Electrolytes. — Let us give some considera- 
tion, then, to the phenomena which occur in solution, to 
facilitate our understanding of the reactions which are car- 
ried out in the laboratory. Consider in the first place liquid 
hydrogen chloride. It is a non-conductor of electricity and 
does not affect a piece of litmus-paper nor a piece of zinc 
dropped into it. When dissolved in benzene, in which it is 
reasonably soluble, the same facts hold. Its water solution, 
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hydrochloric acid, is quite different; it conducts electricity, 
turns blue litmus red, and liberates its hydrogen with zinc. 
Obviously, water has a marked effect on the hydrogen 
chloride molecule. 

Similarly, if we take dry sodium chloride and endeavor to 
pass a current through it as a solid, the effort is fruitless, 
but in water solution it conducts the current easily. A 
mixture of dry sodium chloride and dry silver nitrate, even 
though it be ground a long time to produce intimate contact 
of the two, shows no evidence of reaction. A mixture of 
water solutions of the same two, however, produces an 
immediate precipitate of silver chloride, and the other 
product can, on evaporation, be shown to be sodium nitrate. 


AgNO; + NaCl > AgCl + NaNO, 


Another interesting example of this kind is found in the 
case of copper nitrate and ammonium carbonate. If par- 
tially dehydrated copper nitrate is mixed with the above 
ammonium salt in the dry form and the mixture heated, a 
violent reaction takes place with the formation of cuprous 
oxide, carbon dioxide, nitrous oxide, nitrogen tetroxide and 
water, among other products. When these two compounds 
are dissolved in water and the solutions are mixed, a smooth 
reaction takes place with only two resulting products: a 
light green precipitate of copper carbonate (really basic car- 
bonate), which may be filtered off, and ammonium nitrate. 
The reaction may be represented as follows: 


(NH4)2CO3 — Cu(NOs)2 7 CuCO; + 2NH.NOs. 


It is obvious that the water has a marked effect on the 
properties of the dissolved substances. Whereas, in the case 
of the copper salt the reaction in the dry form caused what 
might be assumed to be a complete breakdown of the two 
compounds into their elements and recombination of these 
to form many products, in the case of the solutions there 
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seems to be a division of each compound into two groups 
of atoms and a simple exchange of these groups when reac- 
tion takes place, to form only two new compounds. The 
ability to act by double decomposition is one of the out- 
standing characteristics of electrolytes. It is rather remark- 
able, when one stops to consider, that a compound such as 
K,Fe(CN)., made up of seventeen atoms, reacts when it is 
in solution as if it were made up of two types of units, K 
and Fe(CN).>. Not only do electrolytes in solution behave, 
in double decompositions, as if they consisted of two dis- 
tinct radicals, but it can be shown that they possess two 
independent sets of properties, one for each radical. Thus, 
a solution of cupric chloride owes its blue color and the 
precipitability of a blue hydroxide to the presence of the 
copper ion. These two properties among others are common 
to all soluble copper salts. Similarly, the solution exhibits 
a second set of properties attributable to the chloride ion, 
common to all chlorides which are soluble. These properties 
may be illustrated by the liberation of HCl with concen- 
trated sulphuric acid and by the precipitation of AgCl by a 
soluble silver salt. 

Not all compounds are affected by water in the same 
manner as those just mentioned. The large class of non- 
conductors, which are soluble in water, show none of the 
above properties. ‘The examples cited above, on the other 
hand, are just a few arbitrary selections from the large class 
of conductors or electrolytes, all of which show these prop- 
erties. This class embraces all the common acids, bases, and 
salts, the reagents of the laboratory. 

It should not be thought that water is the only solvent 
capable of inducing the properties characteristic of electro- 
lytes. Other solvents have the same ability, but none to 
such an extent as water, nor is any other solvent used as 
universally as is water.* 

* S-K, pp. 3829-334 and 337-339. 
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Boiling-Points and Freezing-Points. — Beside their char- 
acteristic chemical behavior, acids, bases, and salts show 
exceptional character in other properties. Thus, compared 
to solutions of non-electrolytes, which behave uniformly, 
acids, bases, and salts show abnormal boiling-points, freezing- 
points, and osmotic pressures. In addition to being abnor- 
mal with respect to non-electrolytes, the abnormalities with 
respect to each other are irregular. The explanation for both 
these phenomena will appear later. 

We may summarize the distinguishing properties of electro- 
lytes as follows, to facilitate their retention: 


. Characteristic chemical behavior 
. Abnormal boiling-points 

. Abnormal freezing-points 

. Abnormal osmotic pressures 

. Conductivity.* 


Ot He WDD eH 


Raoult’s Law. — Before considering the meaning of ab- 
normal freezing-points, boiling-points, and so on, let us 
briefly review the physical phenomena which underly these 
values, so that we may better understand them. Going 
back to the kinetic molecular explanation of boiling, it will 
be remembered that the molecules of the liquid are leaving 
the surface and bombarding the air-molecules in the space 
just above. This rain of an enormous number of molecules 
is, in effect, a pressure (the vapor tension of the substance). 
The molecules of the liquid are opposed by the pressure of 
the air-molecules (the atmospheric pressure). Some of the 
molecules of the liquid are deflected or fall back to its sur- 
face; others escape and leave the vessel, causing evaporation. 
This is illustrated diagrammatically in Figure 12a. If the 
temperature of the liquid is increased, the kinetic energy of 
the molecules is increased and they leave the surface in 


* §-K, p. 334. 
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greater number and with greater rapidity, causing thus a 
greater pressure and more rapid evaporation. When the 
temperature has been sufficiently raised, the pressure of the 
liquid molecules will finally equal and slightly exceed the 
opposing pressure of the atmosphere and the liquid boils or 
evaporates very rapidly. 

If, at this boiling temperature, the escape of some of the 
liquid molecules could be prevented by some means, the 
vapor pressure would be lowered, and the liquid would no 





© * water- molecules 
e= salt- molecules 
Fig. 12 


longer boil at this temperature, but would require a higher 
one. This is exactly what is accomplished by the presence 
of some dissolved non-volatile material in the liquid. The 
molecules of the dissolved material do not go off into space 
as do the liquid molecules. This is evidenced by the distilla- 
tion of the solution of a salt, the distillate showing none of 
the dissolved material. In consequence, the molecules of 
the dissolved material get into the way of the liquid mole- 
cules, prevent their leaving the solution so readily, and in 
this manner raise its boiling-point. This is illustrated in 
Figure 12b. It has been found that the hindrance is pro- 
portional to the amount of material dissolved for a given 
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substance. The same amounts of two different substances 
dissolved in the same solvent, however, do not cause equal 
hindrances (or depressions of the vapor pressure). If we 
take equal proportions of the molecular weights of two sub- 
stances which are (non-volatile) non-electrolytes (say y> 
M.W. or 4 M.W.) and dissolve them in equal volumes of 
the same solvent, we find that the lowering in vapor pressure 
is the same for both. Since like proportions of the two 
molecular weights contain the same number of molecules 
(Avogadro’s Law), we may state Raoult’s Law, that: Equal 
numbers of molecules dissolved in like volumes of the same 
solvent cause equal depressions of the vapor pressure of 
the solvent. The nature, size, or constitution of the mole- 
cules makes no difference. 

Since equal numbers of molecules cause equal depressions 
of the vapor pressure, it is clear that the same increase in 
temperature is necessary to reach 760 mm., the vapor pres- 
sure necessary when water boils under ordinary conditions. 
In other words, the boiling-point is raised and raised equally 
for the addition of the same number of molecules in an equal 
volume of the solvent. Thus, a molecular weight of any 
non-volatile non-electrolyte dissolved in 1,000 g. of water 
raises the boiling-point of the latter to 100.52°. The value 
by which the boiling-point is increased (0.52) is called the 
boiling-point constant for water, or sometimes, the molecular 
elevation constant. This law holds in the same way for 
freezing-points as it does for boiling-points. A molecular 
weight of a non-electrolyte depresses the freezing point of 
1,000 g. of water to — 1.86°, the molecular depression 
constant. Other liquids have boiling-point and freezing- 
point constants, but they are numerically different from 
that of water. 

As implied above, the effect of a dissolved material on 
the freezing-point of a liquid is analogous to the effect on 
the boiling-point. In order to coexist, ice and liquid must 
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have the same vapor pressure. Since at 0°, water with some 
substance dissolved in it must have a lower vapor pressure 
than ice at 0°, the water cannot coexist with it. As the 
temperature of ice goes down, its vapor pressure does like- 
wise. At the temperature at which the ice has the same 
vapor pressure as the solution, they can coexist. In other 


eS 





Vapor pressure in crn of mercury 
Nae F P Solution 


0°? Temperature in °C. 100°C 
Fie. 13 


words, the solution will not freeze (form ice) until this 
temperature is reached. 

The freezing-point and boiling-point vapor pressure rela- 
tionships just discussed are clarified by the accompanying 
diagram (Figure 13), which is self-explanatory. 
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It is readily seen from Raoult’s Law that measurement of 
boiling-points, and particularly of freezing-points, offers a 
ready means of molecular weight determination; the latter 
are preferable, since they are more easily handled in the 
laboratory. If we take say a grams of a substance in a liter 
of solution and measure its freezing-point (let it be — 1.02°), 
since the M.W. of any non-electrolyte in 1,000 g. of water 
gives a F.-P. of — 1.86°, we may say: * 


a: — 1.02 = M.W. (sought) : — 1.86. 


ONC xe LOG 
MW ie 102 


Dissociation of Electrolytes. — We have seen that equal 
numbers of molecules of non-electrolytes have equal effects 
on the boiling-points and freezing-points of liquids, but we 
were always careful to exclude electrolytes. When we meas- 
ure the molecular elevation and depression values for acids, 
bases, and salts, we find that they are, without exception, 
greater than for non-electrolytes. As before stated, the 
degree of their abnormality varies. To what property of 
acids, bases, and salts can we attribute this abnormal 
behavior? 

To begin with, we know that a molecular weight of an 
electrolyte has the same number of molecules as that of a 
non-electrolyte. The abnormality, then, cannot arise from 
a greater number of molecules per molecular weight, or we 
should have a contradiction of Avogadro’s Law. It is clear 
also that the nature, size, or constitution of the molecules 
seems to have no effect. The number of particles only is 
the controlling factor. The obvious deduction is that in 
some way electrolytes supply more particles per molecular 
weight to account for the abnormalities. Since the number 
of molecules per molar weight is constant, we are forced to 
say, in order to account for a greater number of particles, 

* S-K, pp. 231-237. 
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that the molecules subdivide, i.e., dissociate. The fact that 
some show greater abnormalities than others simply means 
that some dissociate more than others. 

A solution containing a molecular weight of sodium 
chloride (58.46 g.) in 1,000 g. of water boils at 100.97° 
instead of 100.52° as is the case for non-electrolytes. Simi- 
larly, its freezing-point is — 3.42° instead of — 1.86°. In 
both cases the value is nearly twice what it would seem it 
ought to be. Since a molecule of sodium chloride contains 
one atom of sodium and one of chlorine, the abnormal 
freezing-point and boiling-point values indicate that nearly 
every molecule is dissociated into its atoms (which are posi- 
tively and negatively charged, as will be seen later): 


NaCl = Nar 4 Cr, 


If sodium chloride, which is capable of yielding only two 
atoms, gives freezing-point and boiling-point values almost 
twice normal, then a substance capable of giving three or 
four atoms or groups of atoms, e.g., NaeSO, and AICI; 
respectively, should give values which approximate three and 
four times the normal value. The fact that such compounds 
actually show values of the above mentioned order is taken 
as strong evidence in favor of the theory that acids, bases, 
and salts dissociate in solution. Of course, it must be noted 
that some electrolytes, such as acetic acid and ammonium 
hydroxide, show abnormalities which are not very great. 
This is explained, as previously intimated, by assuming 
that the dissociation is comparatively small. It will be seen 
presently that substances like these, which show only slight 
abnormalities, are at the same time poor conductors of 
electricity.* The degree of dissociation varies for each indi- 
vidual compound and may be measured by several methods, 
as we shall see. 

Since each molecule of a compound like NaCl gives two 
ions, one molecular weight of substance which is 100 per cent 


* §-K, pp. 328-338. 
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dissociated would give twice as many particles in solution 
as an entirely undissociated substance. If it were 50 per cent 
dissociated, there would be one and one-half times as many 
particles as in an undissociated substance. That is to say, 
assuming for the sake of convenience that there are ten 
molecules in solution, if one-half of them are dissociated, 
there will be ten ions, which, with the five undissociated 
molecules, makes a total of fifteen particles, or one and one- 
half times ten. 

A substance, then, being 100 per cent dissociated, should 
give a freezing-point depression twice as great as an undis- 
sociated substance, and only one and one-half times as 
great, if 50 per cent dissociated. In other words, the in- 
crease in freezing-point depression is proportional to the 
degree of dissociation. Consideration of a specific case might 
be helpful. It was seen previously that a molecular weight 
of an undissociated substance such as sugar in 1,000 g. of 
water gives a freezing-point depression of — 1.86°. If this 
were completely dissociated, it would freeze at — 3.72°; in 
other words, the difference between 0 and 100 per cent dis- 
sociation is — 1.86°. 

A molecular weight (58 g.) of sodium chloride in a liter 
gives a freezing-point of — 3.36°. Thus: 











Freezing-point for 100% dissociation — 3.72° 

Freezing-point for 0% dissociation — 1.86° 
for 100% dissociation difference 1.86° 

Freezing-point of NaCl for x dissociation — 3.36° 

Freezing-point for 0% dissociation iia 1.86° 
for x% dissociation difference 1.50° 

: re 1.50 
% dissociation of NaCl = 186 x 100 = 80.64% 


Hence 80 per cent of all the molecules in a molar solution 


of sodium are dissociated. 
In a similar fashion, dissociation might be measured by 


pat 
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determining boiling-points, or, as will be seen, osmotic pres- 
sures of solutions. The latter methods, however, particu- 
larly measuring osmotic pressure, are difficult to carry out 
accurately in the laboratory. 


Osmotic Pressure. — Let us review briefly the kinetic 
explanation for osmotic pressure, so that we may better 
understand the activities of electrolytes and non-electrolytes 
in this respect. When a solution of a substance is separated 
from pure water by a membrane which permits the passage 
of the water molecules only, the water passes more readily 
into the solution than out of it. The reason is that the 
molecules of the dissolved substance hinder the passage 
outward of the water. Clearly, the greater the number of 
interfering molecules, the greater will be the hindrance. 
The size and nature of the molecules, as before, seems to 
make no difference. Since the water passes into the solution 
more readily than it does out, it piles up on the solution 
. side of the membrane and thereby causes a hydrostatic 
pressure. As this pressure becomes greater, it slows down the 
incoming water molecules and speeds up the outgoing ones. 
The eventual effect of this is to equalize the ingoing and outgo- 
ing passage of the water molecules. The hydrostatic pressure 
which causes the equalization is called the osmotic pressure. 

The dissolved molecules of the solute have nothing to do 
with the hydrostatic pressure itself. They act merely to 
hinder the passage of the water molecules. As stated before, 
this hindrance depends for its magnitude upon the number 
of solute molecules as compared to the number of water 
molecules — in other words, upon the amount by which the 
water molecules are diluted. 

Another and perhaps more accurate way of viewing os- 
motic pressure is suggested by the experiment carried out 
by Sir William Ramsay. It depends upon the fact that at 
300° C., palladium is quite permeable to hydrogen and im- 
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permeable to nitrogen. Let a mixture of the two gases, rich 
in nitrogen, be confined in a palladium bulb (P) by means of 
& manometer containing mercury to measure changes in 
pressure as indicated in Figure 14. 

Let us assume that the levels of the mercury are at (a—a) 
at first. This indicates that the sum of the partial pres- 





Fie. 14 


sures of the hydrogen and the nitrogen together equals 
atmospheric pressure. If the bulb and manometer are now 
inserted in a box at the requisite temperature, and hydro- 
gen is passed through at atmospheric pressure, it will pass 
through the walls of the palladium tube until the internal 
partial pressure of the hydrogen is equal to the external 
pressure. The total pressure within the palladium bulb is 
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now made up of the partial pressure of the nitrogen plus the 
partial pressure of the hydrogen, which is equal to atmos- 
pheric pressure. This means that the total of the two pres- 
sures has increased, as is indicated by the new manometer 
levels (b—b), by an amount equal to the partial pressure 
of the nitrogen. In the actual conduct of the experiment, 
results were obtained which were very close to the values 
demanded by theory. 

Since we believe, according to the kinetic theory, that 
osmotic pressure and gas pressure are both results of molecu- 
lar motion, it is possible that the process of osmosis is the 
exact analogue of the permeation of the palladium by hy- 
drogen. In other words, having pure water on one side of a 
semipermeable membrane and solution on the other side, 
there is a condition of unstable equilibrium so far as the 
water molecules are concerned and they permeate the 
membrane until equilibrium is established. 

Owing to the fact that we do not know enough about the 
actual processes which go on in solution, no satisfactory 
mechanical explanation of osmotic pressure has as yet been 
given. While several theories have been offered to explain 
osmosis, all of them are open to some criticism. The actual 
process seems to be a combination of several functions. 


Osmotic Pressure and the Gas Laws. — A gram-molecular 
weight of a non-electrolyte dissolved in 1,000 g. of water 
gives an osmotic pressure of 23.6 atmospheres at 20°. It 
should be carefully noted that, although the pressure is 
almost the same as that given by one mole of a gas at 20°, 
it is not exactly the same. It is frequently stated that the 
Jaws of osmotic pressure are the same as the gas laws except 
for slight differences in measured values. This is the theory 
developed by van’t Hoff, who stated that the osmotic pres- 
sure might be calculated from the equation for a perfect gas, 


pv = RT. 
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An idea of the accuracy of this relationship can be obtained 

by comparing actually measured values with those calcu- 

lated by van’t Hoff, as shown in the following table: 
TABLE I 


Aqueous Souutions oF Sucrose At 20° 


Osmotic pressure Osmotic pressure 
(calculated pv = RT) (observed) 

2.36 atm. 2.59 atm. 

4.63 5.06 

6.80 7.61 

8.90 10.14 
10.90 IPs 
12.80 15.39 
14.70 18.13 
16.50 20.91 
18.20 Dowie 
19.80 26.64 


The values given are with increasing concentration, and it is 
readily seen that they digress more from the theoretical as 
the concentration increases. To state it in another way, 
we might say that in an infinitely dilute solution, making 
certain assumptions, the perfect gas law applies, but at 
ordinary concentrations there is no relationship. 


Osmotic Pressure and Solutions of Electrolytes. — Since, 
as above stated, the osmotic pressure is proportional to the 
number of molecules of a substance in a given volume of 
water, molecular weights of different compounds dissolved 
in like volumes of solvent should give equal osmotic pres- 
sures and they do, if we omit electrolytes. Again, acids, 
bases, and salts are abnormal and give pressures which are 
greater than for given amounts of non-electrolytes. The 
degree of abnormality of a given substance is similar to its 
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freezing-point and boiling-point abnormality and so gives us 
another good piece of evidence for dissociation.* 


SUMMARY 


We have just learned that: 


lee 


There are two classes of aqueous solutions. Those which 
do not conduct an electric current contain non-electro- 
lytes. Those which do conduct a current contain electro- 


lytes. 


. Acids, bases, and salts are electrolytes. 
. Water has the ability to impart to electrolytes certain 


characteristic chemical properties. 


. Acids, bases, and salts show abnormally low freezing- 


points and abnormally high boiling-points and osmotic 
pressures. 


. Acids, bases, and salts in aqueous solutions are disso- 


ciated to a greater or less extent into unit groups. 


. It is possible to calculate the molecular weight of non- 


electrolytes from freezing-point, boiling-point, and os- 
motic pressure data (also for electrolytes if the dissocia- 
tion is known). 


. It is possible to calculate the degree of dissociation (if 


the molecular weight is known) of electrolytes from 
freezing-point, boiling-point, and osmotic pressure data. 


QUESTIONS 


. Describe some of the peculiar effects of water upon salts, acids, 


and bases. 


. Give the kinetic molecular explanation of boiling-point ele- 


vation. 


. Think of some examples of freezing-point lowering used in 


everyday practice. 


. How would the freezing-point of Lake Erie compare with that 


of Great Salt Lake? 
S-K, pp. 753-756. 
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. Explain in terms of kinetic theory why molecular weights of 


non-electrolytes in equal volumes of solvent cause equal ele- 
vations of the boiling-point. 


. A solution of 5 g. of sugar (CjgH2201) in 100 g. of water freezes 


at — 0.272° C. What is the molecular weight of sugar? 
Ans. 342. 


. The formula for glycerine is C;Hs03. At what temperature 


will a solution of 5 g. in 50 g. of water freeze? 
Ans. —2.022° C. 


. A solution of NaCl containing 1.834 g. in 500 g. of water 


freezes at — 0.221°. Calculate the degree of dissociation of 
sodium chloride. Ans. 89.2 per cent. 


. A solution of 5.10 g. of BaCle in 150 g. of water boils at 100.21°. 


What is the degree of dissociation of BaClo? 
Ans. 72.5 per cent. 


. At 18°, a N/2 solution of NaCl is 74.3 per cent dissociated. 


What would be its osmotic pressure? Ans. 20.80 atmos. 


. Give the kinetic explanation of osmotic pressure. 
. Describe Ramsay’s experiment with nitrogen and hydrogen. 
. Discuss the connection between the gas laws and osmotic 


pressure. 


ee 


CHAPTER III 
IONIZATION 


Conductivity and Ionization. — We have seen evidence in 
the previous chapter that the so-called electrolytes give 
unexpectedly high boiling-points and osmotic pressures and 
unexpectedly low freezing-points. In addition, we learned 
that they possess the rather interesting ability to react by 
smooth double decompositions, exchanging unit groups 
rather than giving a jumbled mass of all the possible com- 
pounds which the atoms present offer. We took all these 
facts as evidence that electrolytes are dissociated in aqueous 
solution into unit groups. We will now consider the clinch- 
ing evidence and what is perhaps the most remarkable 
property of acids, bases, and salts. That is their ability in 
aqueous solution to conduct the electric current. Not only 
do they conduct the current, but their unit groups are liber- 
ated, some at the negative pole and some at the positive 
pole, by the passage of the current. Thus, when a solution 
of CuCl, is electrolyzed, metallic copper is deposited at the 
negative pole and gaseous chlorine is liberated at the positive. 

Obviously the copper is attracted by negative electricity 
and chlorine by positive. From our knowledge of electrical 
charges, it is only reasonable to assume that the copper is 
positively charged and the chlorine negatively charged. We 
find the same type of activity for all metals and non-metallic 
groups (hydrogen and the ammonium radical are here con- 
sidered as metals). All the metals are assumed to be posi- 
tively charged and all the non-metals or non-metallic groups, 
such as SO, and NOs, negatively. 

Shall we now consider that every atom dissolved in a solu- 
tion is charged, or that only a part of such atoms are charged? 
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The ability of different acids, bases, and salts to conduct the 
current helps us to answer this question. It was noted that 
the electrolytes which showed only slight abnormalities were 
poor conductors of the electric current. In general, the 
degree of conductance was found to be proportional to the 
degree of abnormality and vice versa. Since the degree of 
abnormality represents the amount of dissociation, and since 
this seemed to be directly proportional to the conductivity, 
it was natural to assume that only the dissociated particles 
were charged. The greater the dissociation, the greater 
therefore would be the number of charged particles or current- 
carriers, and therefore the greater the conductivity. 

That it is reasonable to assume that the particles are 
electrically charged rather than not, appears from the fact 
that the dissociated particles must of necessity lose some of 
their properties. Thus, when NaCl is dissociated, if free 
sodium and free chlorine were liberated in the presence of 
water, they would both react with it, the former violently. 
While nothing definite is known about the effect of electrical 
charges upon the chemical properties of substances, it seems 
logical to assume that a large increase in the electrical energy 
content of an atom (the amount of charge will be indicated 
later) might easily alter its properties considerably. 


Arrhenius’s Theory of Electrolytic Dissociation. — Reason- 
ing from the facts quoted, Arrhenius in 1889 proposed the 
theory that all acids, bases, and salts in aqueous solution 
are dissociated, to a greater or lesser extent, into electrically 
charged atoms or groups of atoms, called cons. These facts 
are indicated in the following manner: 


NaCl = Nat + Cl- 

NaeSO, — 2Nat + SO.= 

AIC = Alt + 3Cl- 

NaOH @ Nat + OH- 

H.SO, = He + HSO,- Os + SO.-. 


[ 49 ] 


ELEMENTARY THEORY OF QUALITATIVE ANALYSIS 


The above equations represent several facts which have 
not as yet been mentioned. They are (1) reverse arrows 
indicating equilibrium, (2) the number of charges associated 
with an atom, and (3) the two stages of dissociation of 
sulphuric acid. Each of these will be considered in its turn. 


Ionic Equilibrium. — The fact that a solution is a con- 
ductor of electricity indicates the presence of ions. The 
fact that diluting this solution improves its ability (per 
equivalent or molecular weight) to conduct indicates that 
more ions have been formed and therefore that molecules 
were originally present. The fact that evaporating the 
solution to dryness leaves the molecules in their original form 
points to the fact that molecules are formed by the union of 
ions. It is therefore reasonable to assume that, since there 
are both ions and molecules in solution, they are dissociating 
and recombining in a way that sets up a condition of dynamic 
equilibrium. 

This is further indicated by the fact that a solution of a 
definite concentration at definite temperature gives a definite 
reproducible conductivity. If diluted to another measured 
concentration, its conductivity here is fixed and reproducible. 


Faraday’s Law and Ionic Charges.—If we pass an 
electric current through a solution of CuCl, until 35.46 g. of 
chlorine have been liberated, we find that 31.79 g. (8357) 
of copper have been deposited. In other words, the quantity 
of electricity which will liberate one atomic weight of chlorine 
will deposit only one-half an atomic weight of copper. There- 
fore, we may say that one atomic weight of copper in solu- 
tion carries twice as much charge as an atomic weight of 
chlorine, since it takes twice as much electricity to discharge 
it. 

This same quantity of electricity will deposit only 9 g. 
(2,5) of aluminium from its compounds. Obviously, it takes 
three times as much electricity to deposit one atomic weight 
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of aluminium, and we may say therefore that each atom of 
aluminium is associated with three times as much electricity 
as each atom of chlorine. Finally, this same quantity of 
electricity will liberate 1 g. of hydrogen from an acid. Let 
us, then, take this quantity of electricity as our unit and 
call it a faraday = 96,500 coulombs. It is the amount neces- 
sary to liberate one equivalent weight (atomic weight/ 
valence) of an element. We may assume, then, that one 
gram of hydrogen in the ionic form has associated with it 
96,500 coulombs of electricity. Since the number of hydro- 
gen atoms in a molecular weight of hydrogen chloride is 
known with considerable accuracy, the charge on each ion 
ean be calculated and is relatively large. 

If an atom is trivalent, three farads will be required to 
deposit one atomic weight of it, and therefore three unit 
charges will be associated with it. Thus we write, Al**, 
Cut, Cl-, SOs, and so on. 

The foregoing facts hold for all electrolytes and were dis- 
covered by Faraday, who stated the law that: Equal quan- 
tities of electricity liberate chemically equivalent quantities 
of the elements or their radicals.* 


Valence and Electrons. — We have just seen that the 
number of charges which each atom carries in solution corre- 
sponds to its valence. From what has been said about the 
consitution and combination of atoms in the previous chap- 
ter, it is clear how the process of ionization takes place. 
Let us consider an atom of sodium and an atom of chlorine 
in their natural state. They are brought together and com- 
bine as a result of the sodium atom’s giving up an electron 
and becoming positively charged. The chlorine receives the 
electron from the sodium and becomes negatively charged. 
The two are now combined to form a molecule of sodium 
chloride. This molecule is dissolved in water, which has a 


* §-K, pp. 346-354. 
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peculiar ability to separate this charged atom of sodium 
from its oppositely charged partner and produce what we 
call the monovalent sodium ion and chlorine ion. The same 
reasoning holds for more highly charged atoms except that 
there is a transfer of two, three, four, or more electrons, as 
the case may be. 

The positive valence or charge of an ion in solution, then, 
means nothing more than that that particular atom has 
given up one or more electrons to some other atom, and, as 
a result, has one or more protons in excess. The receivers 
of the electrons given up by the positive ions are the nega- 
tive ions, each of which has one or more electrons in excess. 
In a compound consisting of two monovalent ions, the sum 
of all the excess positive and negative charges on the atoms 
which go to make up a molecular weight of that compound 
are equivalent to one farad of electricity, if the compound 
is completely dissociated. 


Ionization of Polybasic Acids. — Acids having more than 
one hydrogen atom (this relates to inorganic acids) have the 
ability to ionize in stages. Thus, as before shown, H.SO, 
ionizes first into the bisulphate (HSO,-) ion and the hydro- 
gen ion (H*), then into the sulphate (SO.-) and hydrogen 
ions. In the same way, phosphoric acid ionizes in three 
stages, thus: 


H:PO. = Ht + H,PO. = 2H+ + HPO- = 3Ht + Poe. 


The fact that the three types of salt represented by NaH2PO,, 
Na,HPO,, and NasPO, are well known may be taken as 
proof of the existence of the three stages of ionization. 

The first stage of ionization is called primary, the second, 
secondary, and the third, if there is such, tertiary. The 
degree of ionization is always greatest in the primary, next 
and much smaller in the secondary, and practically negli- 
gible in the tertiary stage, as will be indicated. 
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Degree of Ionization.— We have seen evidence from 
freezing-point, boiling-point, and conductivity data that elec- 
trolytes vary in the amount of their dissociation. Some are 
completely or almost completely dissociated, others only 
moderately so, and some are very little or practically not at 

-all dissociated. The more an electrolyte is dissociated, the 
greater will be the number of ions and thus the greater the 
conductivity. The latter depends also on two other factors, 
namely, (1) the amount of charge upon each ion, and (2) the 
speed with which the ions move, for obviously, if an ion 
moves faster, it reaches the pole and is discharged more 
quickly, thus increasing the conductivity. 

For the time being, we can assume the speeds of the ions 
to be constant under different conditions of dilution, and by 
working with equivalent concentrations eliminate the effect 
of varying charges on the ions. Then we may consider the 
conductivity as a measure of the number of ions present or 
the degree of dissociation of a given substance. It stands 
to reason, if the ions are current-carriers, that the more ions 
there are, the greater will be the ability of the solution to 
conduct a current, and that if one substance is more highly 
dissociated than another, it will be a better conductor of 
electricity. 


Effect of Dilution on Degree of Dissociation. — Beside the 
specific ability of a substance to dissociate, there is another 
factor which affects the degree of dissociation, and that is 
the dilution. Before considering an actual case, let us take 
an illustration which may help us to understand the facts. 
The accompanying diagram (Figure 15a) illustrates a dance- 
hall divided in half by a rolling door. If a large number of 
couples are dancing in one-half of the hall, it is inevitable 
that the couples will collide with one another now and then. 
If the door is rolled back and the couples spread over the 
entire floor (as in Figure 15b), the number of collisions will 
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be reduced considerably. This is a similar situation to that 
of an electrolyte in solution. The dissociated ions combine to 
form molecules by colliding with one another. Suppose for 
the sake of simplicity that there are ten molecules in a 
certain solution. Of course, there are actually millions of 
molecules, but our assumption will not affect the validity 
of the illustration. Now let us imagine these ten molecules 
to be dissociating and recombining so that 60 per cent of 
the molecules are always in the ionic condition. Assuming 





Fi@. 15 


the volume of our vessel to be one liter, this means that the 
ions are bumping into each other rapidly enough to keep 
40 per cent of them constantly in the combined form. If 
the volume were now doubled or trebled, the ions would 
have a greater opportunity to wander about and so increase 
their distance from each other. The chances that they will 
come into contact as frequently under these conditions are, 
naturally, not as great. The molecules are not affected by 
the dilution, however, for they need not collide with one 
another in order to dissociate. Consequently, they will 
dissociate as rapidly as they did before, whereas the ions 
will not combine so rapidly. The net result of this is that 
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the number of ions increases and the number of molecules 
becomes less. In other words, the dissociation increases 
with the dilution. Since there are now more ions or current- 
carriers, there should be a consequent increase in the con- 
ductivity of the solution, and such is actually found to be 
the case. 

Before developing this idea any further, let us take another 
analogy. Suppose it were possible to distribute a thousand 
people over the face of the earth and let them wander about 


rocal ohms 


=> 


1p 


YJ rec 


Molar conguctiv) 


Ss 


2000 4000 6000 8000 10.000 


Dilution in liters 
Fre. 16 


at random. It is quite obvious that the possibility of any 
two of them meeting would be rather remote. This is similar 
to what happens to electrolytes at very high dilutions. Of 
course, as previously noted, there are many more than a 
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thousand ions, but they become so widely separated when 
dilution reaches 10,000 liters or more for a gram-molecule of 
a substance, that they practically never meet. Let us re- 
member, however, that the undissociated molecules continue 
to dissociate as before, with the consequence that they are 
soon all dissociated. In other words, the substance is 100 
per cent dissociated. After this condition is reached, there 
should be no observed increase in the conductivity regard- 
less of how much the solution be diluted, for all the ions 
possible are carrying current now and the limit of conduc- 
tivity has been reached. The following table for the con- 
ductivities (molar) of different acids, bases, and salts illus- 
trates what has just been said, as does the accompanying 
graph (Figure 16), plotted roughly for sodium chloride. The 
Greek letter u stands for molar conductivity, while its sub- 
script represents the number of liters in which a molecular 
weight of the salt is dissolved. The numbers representing the 
conductivity are expressed in reciprocal ohms (called mhos) 
and will be explained under the head ‘Measurement of 

Degree of Ionization by Conductivity.” . 


TABLE II 


Moar ConpductTivirigs AT VARIOUS DILUTIONS 















10 100 H1000 M0000 
92 101 106 109 
112 122 7, 130 
351 370 377 377 
94 108 113 ibs 
87 148 197 220 
218 228 234 238 
4.7 14.5 41 107 











Since in most cases the conductivity reaches its maximum 
value at dilutions around 10,000 liters, it is assumed that at 
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this concentration dissociation is complete. Theoretically, 
of course, ionization is not complete until the solution has 
been infinitely diluted. Since, for all practical purposes, 
ionization is complete at 10,000 liters, this is called infinite 
dilution and designated by A,.* 

It is to be noted from the table that with the exception 
of CuSO, and HC.H;3O2, the other compounds have reached, 
or practically reached, their maximum values at 10,000 
liters dilution. 


Measurement of Degree of Ionization by Conductivity. — 
It has been stated that the degree to which electrolytes are 
dissociated may be measured by finding the degree of abnor- 
mality which the boiling-points, freezing-points and osmotic 
pressures of their solutions show. These methods have been 
used and agree closely with the values obtained by the 
conductivity method, though some of the discrepancies are 
larger than can be accounted for by experimental error. 
These discrepancies are taken care of in part, at least, by 
the theory of Debye and Hiickel which will be discussed 
later. 

The method most frequently used for the determination of 
degree of ionization, however, is the conductivity method, 
because it has certain inherent advantages not possessed by 
the others. 


Degree of Ionization by Conductivity.— The solution 
whose conductivity is to be measured is placed in a cell 
especially designed for the purpose (Figure 17). It must be 
made of a glass which is resistant to the action of chemicals 
and contain the two electrodes (e,e) made of platinum. 
The water used to dissolve the salt must be extremely pure, 


* A, designates the conductivity of an equivalent weight of the sub- 
stance at infinite dilution. A with any numerical subscript, i.e., Aro, 
indicates the number of liters in which one equivalent weight is dissolved. 
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because any dissolved impurities may materially affect the 
results obtained. 

The cell is arranged in a Wheatstone bridge set-up as 
illustrated in the diagram (Figure 18). The known resist- 
ances (R) are adjusted so that they are approximately equal 
to that of the cell. Then the fine adjustment is made by 


i 


a 





BT Gee7. 


Conpbucriviry CELLs 4 


sliding the connection on the wire-bridge (ab) up and dow: 
until the hum of the induction-coil is at a minimum in the 
telephone receiver (T). At this point, the ratio of the re- 
sistance of the cell to the box is the same as that of one 
section of the bridge wire to the other. From this the resist- 
ance of the solution may be calculated in ohms, and the 
reciprocal of the resistance is called the conductivity (mhos). 
Since the molar strength was definitely fixed before intro- 
ducing the solution into the cell, the conductivity for this 
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concentration is known. By increasing the dilution of the 
solution until the conductivity no longer increases, the value 


Known resistance Conductivity cell 


| Telephone 





Fig. 18 


DIAGRAM OF ConbDuUcTIVITY APPARATUS 


for infinite dilution may be obtained. Since, from the table, 
Aw for HCl is 377 and Ajo is 851, we may write: 
Ajo: A,, = 851 : 377, 


J Aro F bet a 
or, in other words, A & the degree of dissociation; and 
fee} 


since A., represents 100 per cent dissociation: 


x : 100 = 351 : 377 
x = 92.8%. 
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The value of x indicates the dissociation for a M/10 solu- 
tion of HCl. 

We must be careful to keep in mind the fact that the con- 
ductivity at any given concentration gives no idea of the 
degree of ionization if the conductivity at infinite dilution 
is not known. Thus, the fact that at ten liters the conduc- 
tivity of NaCl is only 92 is no guarantee that it is less 
dissociated than KCl, the conductivity of which at the same 
dilution is 112. Both degrees of dissociation depend on the 
magnitude of their respective conductivities at infinite 
dilution. 

Conductivity of Weak Electrolytes. — It is impractical to 
determine the conductivity at infinite dilution for weak 
electrolytes, so that other means are resorted to. The de- 
tails of the theory underlying this method are too extensive 
to enumerate here, but a brief idea may be obtained from 
the following considerations. 

From the table of molar conductivities on page 56, it will 
be noted that though several of the compounds (NaCl, KCl, 
HCl, AgNO;, and KOH) have reached their maximum con- 
ductivities at 10,000 liters, the values for these conductivities 
are by no means the same. When we stop to consider, we 
see that in each of these cases there is one molar (or equiva- 
lent) weight of the compound present and therefore the 
same number of molecules. Since each is considered to be 
completely dissociated, there must of necessity be the same 
number of ions. We have then the same number of ions, all 
equally charged, in like volumes of the same solvent. Why 
do they give different conductivities? Thinking back over 
the factors which affect the conductivity of an electrolyte, 
we recall that they are: the number of ions per unit volume, 
the charge on the ions, and the speed with which the ions 
move. The last is the only factor which has not been in- 
cluded in the above considerations, and it is the one which 
answers our problem. Since at infinite dilution the number 
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of positive and negative charges (the current-carriers) for an 
equivalent weight of any completely dissociated electrolyte 
is the same in all cases, we may eliminate these factors and 
say that the conductivity depends on the sum of the relative 
speeds of the two ions. This fact was discovered by Kohl- 
rausch in studying the conductivities of various salts and 
is called Kohlrausch’s Law. He noted that there was a 
simple relation between the values of A or various salts in 
dilute solution: thus, if we take the value of A for two pairs 
of salts with a common ion: 


K Na 
Oi eas ak Sie eae 130.10 108.99 
NOs eee tires, 126.50 105.33, 


we note that the values of (KCl — KNO; = 3.60) and 
(NaCl — NaNO; = 3.66) are practically identical. The 
same is true for the values (KCl — NaCl = 21.11) and 
(KNO; — NaNO; = 21.17). In other words, the difference 
due to the two positive ions is independent of the negative 
ions and vice versa. The ions of an electrolyte, therefore, 
move independently of one another. We may say, then, 
that the conductivity of a salt at infinite dilution is the sum 
of two independent effects which Kohlrausch called the 
mobilities of the ions, designated respectively by U and V. 
Thus, 
A, = U+V. 


Application of Kohlrausch’s Law. — Let us take the case 
of hydrochloric acid. The relative speeds of the two ions has 
been measured to be H : Cl = .828: .172. This means that 
of all the current carried, the H ion assumes yoo of the 
burden and the Cl ion 7535. Since the total conductivity 
of HCl from the table is 377, the number which represents 
the H ion’s ability to carry current is .828 X 377 or 312 
=U. This is called the conductivity of the hydrogen ion at 
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infinite dilution or its mobility. Similarly the value for the 
Cl ion would be .172 X 377 or 64.9 = V. By carrying out 
a similar process for a salt — like sodium acetate — which 
is highly ionized, we find that the conductivity of the Na 
ion at infinite dilution is 44.4, and of the acetate ion 33.7. 
Whereas we have determined the values for the individual 
ions using compounds which were highly dissociated and 
thus permitted measurements at high dilutions, we now 
have values which permit us to calculate the conductivity 
at infinite dilution of a weak electrolyte, acetic acid. Since 
the conductivity of the H ion is 312 = U and that of the 
C.H 302 ion, 33.7 = V, the conductivity at infinite dilution 
of the acid is (312 + 33.7) = 345.7. 

In this manner, a table of all the ionic conductivities at 
infinite dilution may be constructed. Such a table is ex- 
tremely helpful in calculating values for the respective com- 
pounds. The table given herewith shows the values of the 
conductivity at infinite dilution of a number of the more 
common ions, at 18° C. 


TABLE III 


EQUIVALENT Conpuctivities (Mosinities) oF Ions at 
InFinire Dinution — 18° C, 
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To illustrate the value of this table, let us take an actual 
example. Oftentimes we wish to know the degree of dissocia- 
tion of a salt at a given concentration and can find only its 
equivalent conductivity at that concentration in a reference 
table. Since we must know the conductivity at infinite 
dilution, we resort to our table to find it, by adding together 
the conductivities of the two ions. Thus, suppose we find 
that the equivalent conductivity of N/5 Mg(NO3). in the 
reference table is given as 82. Consulting our table above, 
we find that A, is equal to (45.9 + 61.8) or 107.7. The 
degree of ionization then is 7¢7-7, or 76.2 per cent. 

The degree of ionization of the various common electrolytes 
at the customary dilutions used in the laboratory is very 
important, and will be used a great deal in making explana- 
tions later. For that purpose, a table is herewith given and 
it is essential that the student become thoroughly familiar, 
not with the actual percentages, but with the approximate 
degree of ionization of all the common electrolytes. For 
example, HCl is highly ionized (about 90 per cent), HC2H 302 
is weakly ionized (about 1 per cent), and so on. 


TABLE IV 


APPARENT Fractions Ionizep at 18° 1n N/10 Souution 


Acids 
Hydrochloric (H*+Cl) .92 Hydrofluoric (H*FE-) .085 
Nitric (H*NO;) .92 Acetic (H*C.H302 ) .013 
Sulphuric (2H*SO4-) .61 Carbonic (H+HCO; ) .0017 
Oxalic (A+HC.04 ) .50  Hydrosulphurie (H*HS ) .0007 
Phosphoric (HtH2:POs) .27 — Boric (H*H2BO; ) .0001 
Bases 
Sodium hydroxide (NatOH-)  .91 


Potassium hydroxide CRAOH eo 
Barium hydroxide (Bat*20H- ep .77 
Ammonium hydroxide (NHytOH-)  .018 
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Salts 
Potassium chloride (K*CI) .86 
Sodium chloride (NatCl)  .84 
Potassium fluoride (KFE-) .85 
Sodium nitrate (NatNOs)  .83 
Silver nitrate (AgtNOs)  .81 
Sodium acetate (Na*CeH302)  .79 
Sodium bicarbonate (NatHCO;)  .78 
Barium chloride (Ba**2Cl)  .76 
Silver sulphate (2Ag*SOs-) __ .70 (sat. sol.) 
Zine sulphate (Zu'tSOs-) ~—«.40 
Copper sulphate (Cut*8O.4-) _.40 


Mercuric chloride (Ag'*2Cl) < ‘01 
Water < .000,000,000,2 


The above table shows the three common acids to be highly 
ionized, two or three others appreciably so, and the rest 
weak. Of the soluble bases, only ammonium hydroxide is 
weak. It might be mentioned in this connection that all the 
insoluble bases, e.g., ferric hydroxide, copper hydroxide, and 
zinc hydroxide, are also weak ionogens. As the table indi- 
cates, all salts, with but few exceptions (only one of which 
is included) are highly ionized. It is to be observed, further- 
more, that water, to all practical purposes, is not ionized at 
all. Nevertheless, this exceedingly small ionization is a very 
important factor in the explanation of the activities of certain 
compounds, as we shall see. 


Function of the Solvent in Ionization. — Up to the preseni, 
we have been considering only the electrolyte itself in the 
process of ionization, without thinking of any part that the 
solvent may take in the process. Since water is almost uni- 
versally the solvent used, we have given no consideration 
to others, but it is a fact that other solvents permit ioniza- 
tion of electrolytes as well. None of them is as good a dis- 
sociating medium, however. This difference points to the 
fact that the nature of the solvent has something to do with 
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the process of ionization. The effect of the solvent may 
be roughly summarized as being a result of two func- 
tions: that of the dielectric strength of the solvent and 
that of compound formation between the solvent and the 
solute. 

Let us consider the dielectric constant. When two equally 
and oppositely charged bodies are suspended at a given dis-~ 
tance from one another in air, they attract one another 
with a certain amount of force. If these two charged bodies 
are suspended at the same distance from each other in 
water they still attract one another, but not with nearly 
the force that they do in air. We say that the water has 
greater dielectric strength than air and we may thus define 
the dielectric strength as the ability of a medium to render 
electrically charged bodies indifferent to one another. The 
force with which two like or unlike charges at a distance of 
one centimeter in air oppose or attract one another is taken 
as the unit of dielectric strength. On this basis, the dielectric 
of water is 80. That is to say, if two unlike charges attract 
each other with a force of one unit at a distance of one centi- 
meter in air, they will attract one another with a force one- 
eightieth as great in water. 

The connection between the dielectric constant and ioniza- 
tion is fairly evident. If a substance like water comes be- 
tween the charged ions, it reduces their attraction for one 
another a great deal more than does a substance which is 
not such a good dielectric. In other words, it fosters dis- 
sociation by hindering association. Among the common sol- 
vents, water has by far the greatest dielectric strength and is 
therefore the best dissociating medium. Unfortunately, 
there are other factors which enter into the process of ioni- 
zation, and we find that there are solvents which have 
higher dielectric strengths than water and yet are not such 
good dissociators. Thus, HCN has a dielectric constant 94, 
but KI is less dissociated in it than in water. 
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Compound Formation with the Solvent. — We shall con- 
sider only one other fact which seems to affect the extent 
of dissociation of electrolytes so far as the solvent is con- 
cerned, and that is the question of compound formation 
between the solvent and the solute. It is an outstanding 
fact that those compounds which are highly ionized have 
the ability to form hydrates with water and those which 
are poorly dissociated rarely do. Thus the strong acids, like 
HCl and HNOs, all form hydrates which can be isolated. 
The weak acids, like acetic acid, if they do form hydrates, 
form rather unstable ones. Mercuric salts, some of which 
show high ionization, in these cases form hydrates; others 
which are not highly ionized do not form hydrates. We 
will consider this point again later. 


The Probable Cause of Ionization.— We learned in 
Chapter I that when atoms unite, their electrons are in- 
volved, and that in some cases there is an exchange of elec- 
trons, while in others there is merely a sharing of electrons 
between two or more atoms. The former compounds we 
called polar because we believe that electrolytes belong to 
this class and as a result dissociate readily into charged ions 
in solution. In other words, the ions are already present in 
the solid molecule and only need some releasing medium 
like water or high temperature to cause them to dissociate. 
In the case of compounds where the electrons are shared, 
there is actual combination of the atoms and they are not 
present as the ions in the dry molecule. Hence they are not 
released when dissolved in water. These are the so-called 
non-polar compounds or unions. Thus, in the case of NaNOs, 
the union between the sodium atom and the nitrate group 
is a polar one brought about by the exchange of an electron, 
but the unions between the nitrogen atom and the oxygen 
atoms are all non-polar, as otherwise we would expect. to 
have nitrogen and oxygen ions in the solution. 
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Probably complete exchange of electrons and complete 
sharing of electrons are limiting cases, where, on the one 
hand, there is complete dissociation as a result, and on the 
other, complete lack of dissociation. Most likely there are 
intermediate stages of partial sharing and partial exchange 
which explain the varying degrees of dissociation which we 
encounter. 


SUMMARY 


We have just learned: 


1. That acids, bases, and salts conduct the electric current 
with varying degrees of ability, in addition to showing 
abnormal boiling-points, freezing-points, and osmotic 
pressures. 

2. That the particles into which electrolytes dissociate are 
charged, and may either be atoms or groups of atoms 
called ions. 

3. That some have more charges than others. The number 
of charges corresponds to the valence and is due to an 
excess or deficit of electrons. 

4. That equal quantities of electricity liberate chemically 
equivalent quantities of the ions. That 96,500 coulombs 
of electricity will liberate one equivalent weight of any 
element or ion. 

5. That the degree of ionization of a given electrolyte in- 
creases with the dilution until it reaches a maximum, 
where it is considered to be completely dissociated. 

6. That from the value for complete dissociation and that 
for any given concentration, the per cent dissociation 
may be calculated. 

7. That the dissociation of an electrolyte is generally 
measured by its resistance to the passage of a current. 

8. That the conductivity at infinite dilution of weak elec- 
trolytes cannot be measured, but is obtained indirectly. 
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9; 


10. 


“ID 


© Co 


10. 


ie 


12. 


13. 


14. 


That the dielectric constant of a solvent prebably affects 
the degree of ionization, and so does compound forma- 
tion with the solvent. 

That ionization is probably due to the exchange of 
electrons within the molecule and non-ionization is due 
to sharing of electrons. 


QUESTIONS 


. Why do we believe that the dissociated particles of electrolytes 


in solution are charged? Do these charges have any influence 
on the properties of the atom or group of atoms? 


. Explain in detail what happens when a current is passed 


through a solution of an electrolyte. 


. What evidence have we for the fact that the degree of disso- 


clation varies for different electrolytes? 


. State Arrhenius’s Theory of Electrolytic Dissociation in its 


entirety. 


. Do the ions recombine after they are dissociated? What 


proof have we of this? 


. State Faraday’s Laws and explain them. 
. If 1,000 coulombs of electricity were passed through a solution 


of copper sulphate, how much copper would be deposited? 
Ans. 0.3294 g. 


. Explain the electron theory of valence. 
. Can the degree of ionization of an individual electrolyte vary? 


What brings about this variation? Explain. 

What are the factors which influence the conductivity of an 
electrolyte? 

What is meant by conductiwity at infinite dilution? How is the 
conductivity of any solution determined? How is conductivity 
at infinite dilution determined for strong electrolytes? for 
weak electrolytes? 

Calculate the per cent ionization of silver nitrate at a dilution 
of ten liters; 100 liters. Ans. 81.74%; 93.79%. 
The equivalent conductance at 18° of CaCly is 82.8 reciprocal 
ohms and at infinite dilution it is 116 reciprocal ohms. What 
is the per cent dissociation? Ans. 71.5%. 
The equivalent conductivity of N/5 Cu(NOs)s is 82.4 recipro- 
cal ohms. Calculate the degree of ionization at this concen- 
tration. Ans. 76.5%. 
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What is meant by the mobility of an ion? What effect has 
the mobility of the ions on the conductivity? 

Write from memory a table of the approximate ionization 
values for the common acids, bases, and salts. 

What is meant by the dielectric constant of a substance? 
Explain how the dielectric value of a solvent is concerned with 
its lonizing power. 

What fact besides the dielectric value of the solvent probably 
influences ionization? Give some illustrations to support your 
belief. 

Explain, from the point of view of the electron theory, why 
some compounds dissociate and others do not. Explain vary- 
ing degrees of dissociation on this basis. 

Write equations for the three steps in the ionization of ortho- 
phosphoric acid. 
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The concept of reversible changes in both physical and 
chemical actions is a very common one. The number of 
reversible chemical changes constitutes a large proportion 
of the total and includes almost all of the ionic reactions of 
analytical chemistry. A clear understanding of equilibrium 
is essential. 

Let us therefore review briefly the ideas and character- 
istics of chemical equilibrium before proceeding to its appli- 
cation in ionization actions. Consider two substances A and 
B, reacting to form C and D, and that the latter are capable 
of reacting to form the original two. Before A and B react, 
their concentrations are 100 per cent and those of C and D 
are 0 per cent. The amounts of the former two decrease 
and those of the latter increase as the reaction proceeds. 
Kinetically this means less and less molecules of A and B, 
and more and more of C and D. Since the number of con- 
tacts per second of A and B decreases with their decreasing 
number, the reaction in this direction is slowed down. By 
the same token, the opposite reaction is speeded up. If one 
is continuously slowing down and the other speeding up, 
there must inevitably come a time when the two are pro- 
ceeding at the same rate. Since at this point the effect of 
one reaction is undone as fast as it is accomplished and 
vice versa, neither reaction can proceed beyond the speed 
established at this point. A constant condition is thus main- 
tained and the two reactions proceed without interruption. 
This is called the point of equilibrium. 

Iquilibrium may be reached at any concentrations of the 
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reactants and resultants. In other words, the concentrations 
at equilibrium of the opposing substances need not. be equal. 
A moment’s consideration will make this clear. Imagine 
that A and B, because of their inherent properties, react to 
form C and D readily and quickly, but that the latter react 
sluggishly to form A and B. Clearly, it will take much less 
of A and B to accomplish the same result as C and D ac- 
complished in a given time. This means that equilibrium 
will be reached when the concentrations of C and D are 
much higher than those of A and B. 

Another and non-chemical illustration may help to clarify 
this point. Imagine two towns on opposite sides of a bridge 
over which 100 people are passing in each direction per 
minute. There may be 20,000 people in one town and only 
1,000 in the other, but so long as 100 pass in each direction 
per unit of time, equilibrium is maintained, that is to say, 
the same number of people remain on either side of the 
bridge. 

We may, therefore, summarize the characteristics of 
equilibrium as follows: 


1. There are two opposing tendencies which ultimately 
balance each other. 

2. At equilibrium, the two opposing tendencies are still in 
full operation. 

3. A change in conditions produces a corresponding change 
in the point of equilibrium, causing a displacement of the 
equilibrium in one direction or the other. 


The conditions affecting equilibrium are pressure, tem- 
perature and concentration and their effects will now be 
considered. 


Effect of Temperature and Pressure. — Since both reac- 
tions in an equilibrium cannot be equally favored by the 
addition of heat, it is clear that the point of equilibrium will 
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be shifted in one direction or the other by heating. To 
obey the law of the conservation of energy, one reaction 
must absorb and the other emit heat. It seems natural that 
a reaction which is trying to give off heat will oppose any 
effort to add heat to it, whereas the reaction which is willing 
to absorb heat will look upon such addition with favor. In 
other words, heating favors the endothermal reaction. In 
general the principle just stated is called van’t Hoff’s Law 
of Mobile Equilibrium. It may be put as follows: When 
the temperature of a system in equilibrium is raised, the 
equilibrium point is displaced in the direction which will 
absorb heat. 

Commercially, temperature is often a very important 
factor in equilibrium reactions, but from an analytical 
standpoint, it has comparatively little application. The 
same applies to pressure, for this is of importance only in 
cases of gas reactions. Thus, in the case of hydrogen com- 
bining directly with nitrogen to form ammonia (Haber 
process), 

. N. + 3H: = 2NHs3, 

there are four molecules of gas on the left side and only two 
on the right. If the system were compressed, it would tend 
to go, as with all natural processes, along the lines of least 
resistance, which would be in this case toward the smaller 
volume, namely the formation of ammonia. In other words, 
pressure would cause a displacement of the equilibrium to 
the right. 


Effect of Concentration. — From the standpoint of ionic 
reactions and equilibria, and these are the ones with which 
we are most concerned in the analytical field, the condition 
of concentration is by far the most important in influencing 
the equilibrium condition. Change of concentration may be 
classified in three ways, according as there is a mere in- 
crease or decrease in the number of molecules per unit 
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volume, without the formation of a gas or a precipitate, or, 
as is implied, there is a change in concentration due to the 
formation of a gas or a precipitate. Let us consider the 
three cases individually. 


Neither a Precipitate nor a Gas Is Formed. — As in 
Figure 19a, consider a vessel containing, say, 50 c.c. of water, 


50ce: 


50ccs 





O:A molecules 


e- B molecules 
Fra. 19 


in which, for the sake of simplicity, we will imagine there are 
five particles each of substances A and B, reacting to give 
C and D (not shown). Call this solution R. The particles 
of A and B will collide with one another a certain number of 
times per second to form C and D. We may write: 


Ao B—'CeP D, 
and say that this reaction has a certain speed. Let us now 


consider another solution, S, of the same materials and having 
the same number of particles in the same volume, to be 
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added to R. Obviously no change has taken place except to 
double the number of particles and the volume. To put it 
technically, the concentration is the same in both cases. In 
consequence the number of contacts between A and B 
particles would not be expected to increase and does not. 
Suppose, though, that instead of doubling the volume, we 
could dissolve five more particles of A in the original solu- 
tion without materially increasing the volume. This condi- 
tion is shown in Figure 19b. It is evident that now there 
are more opportunities for A and B to come into contact 
per unit of time, since they are crowded more closely to- 
gether. They will thus form C and D more rapidly. The 
same result would obtain if instead of A, the B particles 
were increased without increasing the volume. If both A 
and B were increased without increasing the volume, the 
formation of C and D would be speeded up even more, and 
further increases of one or both would continue to speed up 
the reaction in the same direction. We see, then, that the 
speed of a reaction depends upon the number of particles 
per unit volume, but this is simply another way of expressing 
concentration. The latter is defined as being the mass of 
material per unit of volume. To put the above idea in the 
form in which it is usually stated: The speed of a reaction 
is proportional to the molecular concentration (see page 76) 
of the reacting substance. This is the Law of Molecular 
Concentration or, as it is often called, the Law of Mass 
Action. It will be of great importance in our explanations 
later on. 


Effect of Gas-Formation. — If one of the products formed 
in a reversible reaction is a gas, this fact has a decided effect 
upon the point of equilibrium. Consider the familiar case 
of adding concentrated sulphuric acid to solid sodium 
chloride. As the acid is added to the salt, bubbles of hydro- 
gen chloride are evolved. This is the laboratory method for 
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the preparation of the latter gas and the reaction goes prac- 
tically to completion. The equation is: 


(1) NaCl + H.SO. > NaHSO, + HCL 


Yet if we take a strong solution of hydrogen chloride, namely, 
concentrated hydrochloric acid, and add it to a concentrated 
solution of sodium bisulphate, a white precipitate is formed. 
Analysis shows this precipitate to be sodium chloride. This 
means that the reaction between sodium chloride and 
sulphuric acid is reversible: 


(2) NaHSO, + HCl — H:SO, + NaCl. 


In case 1, the solid sodium chloride is dissolved to some 
extent in the sulphuric acid. By contact of the two kinds 
of molecules, the resultant products are formed. Hydrogen 
chloride is insoluble in concentrated sulphuric acid, however, 
and escapes as fast as it is formed. Since, as a result, the 
hydrogen chloride is almost entirely absent from the field 
of action, the reverse reaction can take place only to a 
minimum extent, so we say that reaction 1 goes to completion. 
In case 2, the hydrogen chloride is in the aqueous solution 
and intimately mixed with the bisulphate with no chance 
of escape. Every molecule of each substance has oppor- 
tunity to react with every molecule of the other and the 
reverse reaction goes on. We see, then, that the necessary 
requirement for reaction between substances is contact, so 
that if we can bring about a condition such that two of the 
reactants in an equilibrium cannot come into good contact 
with one another, the reaction will go to completion in the 
direction in which contact fails. 


Effect of Precipitate Formation.— The precipitation of 
sodium chloride in the above case affords us an example of 
how the formation of a precipitate may affect an equilibrium. 
As the somewhat insoluble sodium chloride precipitates out, 
it settles to the bottom. Each little particle of precipitate 
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contains millions of molecules, which, in settling to the 
bottom, are just as much out of active participation in the 
solution as if they were outside of the container. This 
great reduction in the number of participating sodium 
chloride molecules cuts down enormously on the number of 
contacts between the salt and the sulphuric acid and thus 
retards reaction 1, which means, as before explained, that 
reaction 2 goes largely toward completion. 


The Law of Molecular Concentration or Mass Action. — 
This law has been stated in words to the effect that the 
velocity of a reaction is proportional to the concentration of 
the reacting substances. This fact may be put in the form 
of an algebraic equation and can frequently be applied 
with more facility when thus stated. A clear idea of exactly 
what is meant by concentration will be of considerable assist- 
ance in understanding the meaning and use of the equation 
to be derived. Concentrations are usually expressed in 
terms of the gram-molecular weights per liter. A gram- 
molecular weight or molar weight of a substance is its molecu- 
lar weight in grams. Hence the molar concentration of a 
substance is obtained by dividing the number of grams of a 
substance in a liter by its molecular weight. As was previ- 
ously emphasized, the big factor in equilibria is not how much 
of a substance is present, but how much is present in each 
cubic centimeter, because the concentration depends upon 
the closeness of the molecules to one another and not upon 
the number present. 

Consider the reaction 


Ain B oe Uneye 


with one mole per liter each of A and B. This reaction 
proceeds with definite velocity, due to the collision of mole- 
cules of A and B a certain number of times per second. 
The velocity is measured in terms of the number of molecules 
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changed or formed per second. We have the concentrations 
of A and B to consider, and we know that the velocity of 
the reaction is proportional to these two concentrations. Is 
it proportional to the sum of the concentrations, the product, 
the difference, or to what relation between them? A mo- 
ment’s consideration will show. Imagine the two substances 
A and B reacting to form C and D, but for the sake of 
simplicity consider that there 
are only two molecules of A 
and two of B in 10 c.c. of solu- 
tion. This has no effect what- 
ever on the validity of the de- 
ductions. A diagram to illus- 
trate this condition is shown 
in Figure 20. A and B react 
to form C and D at a certain 
rate. If now the concentra- 
tion of B (number of mole- 
cules per c.c.) is doubled (this 
might be done by dissolving 
some solid B and assuming 


there is no volume change), it a 
is clear that A will have more O=B originally present 


opportunities per second to @:A originally present 
strike B. Asa matter of fact, (27 B added 

it will have twice as many Tic. 20 
opportunities and the reaction 

will go twice as fast. If now the concentration of A is also 
doubled, the B molecules will have twice as many opportuni- 
ties to strike A. Since B has twice as many opportunities 
to strike A and A twice as many to strike B, the chances 
for contact have been increased fourfold. If the concentra- 
tion of B had been trebled, leaving A at its original concen- 
tration, the opportunities for collision would have been 
' trebled. So would the speed of the reaction. Trebling both 


eye 
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concentrations would have enhanced the chances for con- 
tact of each for the other three times, in all making the 
opportunities for collision and the speed of the reaction nine 
times as great. We see then that the speed of a reaction 
is proportional to the product of the concentrations of the 
reacting substances. 

Though the speed of a reaction is proportional to the 
product of the concentrations of the reacting substances, we 
cannot merely multiply these concentrations together if we 
wish to get an expression for the speed of a given reaction. 
For one thing, the speed depends on other factors beside 
cgncentrations, as already indicated. These must be taken 
into consideration. Furthermore, the speed of a reaction by 
definition is the number of molecules changed or formed per 
second or per unit of time. If we multiply the concentra- 
tions together, we have 


C of A per c.c. X C of B per c.c., where C = concentration. 


This product will obviously give a value which represents a 
certain number of molecules, but not the number of mole- 
cules changed per unit of time. Since the speed is propor- 
tional to the number of molecules per ¢.c. present, to get 
the change per unit of time we must introduce some factor 
of conversion. 

An analogy may help our understanding of this. Con- 
sider two circles M and N. We know that their circumfer- 
ences are proportional to their diameters D; and Dz, respec- 
tively, so that we may write 


circumference M o diameter D,, 
and 
circumference N « diameter Ds». 


If, however, we wish to get a definite numerical value for 
the circumferences of the two circles, so that we may com- 


[78 J 


CHEMICAL EQUILIBRIUM 


pare them, we must introduce the proportionality constant 
(7). We may then write 


circumference M = 7D,, and 
circumference N = aDaz. 


Of course, in the case of circles, the proportionality factor 
(r) is the same for all. This is not true for reactions because 
they are not all equally influenced by temperature and the 
other factors which affect the speed of a reaction. The in- 
fluence which each of these has varies with different reactions 
and different conditions. Under a given set of conditions 
for a given reaction, all these influences may be considered 
constant and summarized in the form of a constant (k). This 
constant is characteristic of a given reaction under given con- 
ditions only. It includes all the influences but that of concen- 
tration, because the effect of the latter is the one most easily 
measured. For a reaction 


A+B->C+D 


then, we may write an expression for the speed in the for- 
ward direction, as follows: 


[A}* x [B] Xk = 8 


Limitations of the Concentration Law: Activity. — In 
using the kinetic molecular theory to arrive at the con- 
clusions stated in the law of molecular concentration, no 
consideration was given to the nature of the interacting 
substances nor to their possible effects upon one another, 
other than to react to form new substances. It is a well- 
known fact that any two bodies have an attraction for each 
other which is inversely proportional to the square root of 
the distance between them; that is to say, their attraction 


*The square brackets [] are used to indicate concentration, tbus: 
concentration of A = [A]. 
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diminishes as the distance increases. Thus, if two molecules 
pass close to one another in solution, their respective veloci- 
ties would be somewhat affected by mutual attraction as 
they approach one another. In a dilute solution, where the 
space between the molecules is exceedingly large, these 
attractive disturbances are relatively minute and negligible. 
When the solution becomes concentrated, however, the mole- 
cules are much closer to one another, with the result that 
the attractive forces begin to have a decided effect upon the 
speed of the molecules. This is manifested in the speed of 
the reaction. In other words, the speed of a reaction is not 
strictly proportional to the concentration of the reacting 
substances, particularly when the concentrations become 
fairly large. 

Since the speed of a reaction depends upon the speed of 
the reacting molecules, and this latter speed is only some 
fraction of what it would be if there were no attractive force, 
let us say that an unhampered molecule has an activity A, 
but when it is under the influence of attractive forces, it 
has an activity of only a. The ratio of these two values 
a/A is called the activity coefficient (f). It varies with the 
concentration. In a very dilute solution where the attractive 
forces are negligible, a is very nearly equal to A and f, the 
activity coefficient, is equal to 1, so the concentration law 
holds. As the concentration increases, a begins to vary 
appreciably from unity and the mass law does not describe 
the facts. In conclusion, it may assist us to think of A as 
the true concentration of a substance under consideration 
and of a as the apparent concentration. 

In view of the fact that the concentration law is of the 
most fundamental importance in all analytical work, it 
would seem essential that we have a very definite knowledge 
of the activity coefficient in order successfully to apply the 
law in our work. It must be remembered, however, that 
whereas the concentration law does not hold in a mathe- 
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matically quantitative way because of activity considerations, 
it still holds very well in an approximate way. Since we are 
interested in explaining things only in a qualitative way 
and not in exact numerical fashion, we need not be troubled 
by the above-mentioned deviations. For these reasons, in 
the derivations which follow, no attempt will be made to 
consider activities. 


Derivation of the Mass-Action Equation. — Let us con- 
sider again the general equation 


Nes eas ag oa) 


at a certain temperature. Then we may say, using 8; for 
_the velocity, and [A] and [B] respectively for the concentra- 
tions (molar) of A and B, 


[A] x [B] ki = §i, 


where k, is the aforementioned proportionality constant. 

Similarly, if the above reaction is a reversible reaction, 
the reverse reaction will have a constant k:, and under a 
definite set of conditions, a certain velocity — call it S. 
We may write 


[C] x [D] X ke = &:. 


This gives us a definite expression for the velocity of either 
reaction at a given moment. Let us consider only the time 
when equilibrium is reached, or, as stated, when the veloci- 
ties of the opposing reactions are equal. At this point, 
Si = Ss, so we may say: 


[A] x [B] X ki = [C] X [D] X ke 





x ° 
= [A] X [B] ke 
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But since k; and ky are constants, and a constant divided by 
a constant gives another constant, we have 


[C] x [D] 


jAy CIB} 





= * 
ae Ket 


where T° designates a given temperature. 

The case just considered is of a simple type, with only one 
molecule each of the reactants and resultants. The relations 
are not as simple in the following reaction: 


A+2B—-C-+D. 


This case is better understood by considering that there are 
three substances, A, B, and Q, reacting to give C + D. 
This would give 
[C] x [D] 
[A] x [B] Xx [Q] 


Now, suppose an identical amount of B to be substituted 
for the amount of Q present. We may then substitute [B] 
for [Q] and the above expression becomes 

[C] x [D] 


= K. 








The same reasoning would apply if there were three mole- 
cules of B taking part in the reaction instead of two, or in 
general, that power of the concentration is used which ex- 
presses the number of molecules of a substance participat- 
ing in the reaction. As an example of a more complex case, 
take the reaction between ferric chloride and ammonium 
thiocyanate, which is expressed by the equation: 


FeCl; + 83NH,CNS @ Fe(CNS)3 + 3 NH,CI. 
*In what follows, T° will be omitted from Ky. Unless otherwise 


indicated, the letter K will indicate the value of the particular constant 
at one temperature only. 


[ 82 ] 


CHEMICAL EQUILIBRIUM 


The mass-action equation would be: 


[Fe(CNS)s] x [NH,CI} 
[FeCl] x [NH,CNS}* 


The equation for the Law of Mass Action of the type just 
developed is a general one and applies to any equilibrium, 
regardless of the number of reactants and resultants, although 
there is an important class of exceptions which will be 
treated later (strong electrolytes). 





= K. 


Application of the Equation. — The method of application 
of the equation may be seen by considering first, the general 
case of A + B—C-+ D and then the specific one of ferric 
chloride and ammonium thiocyanate. 

When two substances A and B, in certain concentrations, 
react to give C and D, we may write the equation: 

(C1 xX [DI _ 
PATA ae 

Now let us suppose that the concentration of C [C] be 
increased by the addition of some solid C to the solution 
which contains the four reacting materials. This may be 
represented (for an instant) as follows: 

[C]* x [D] 
[A] x [B] 

Obviously, the value of the product of the concentrations 
of [C] x [D] divided by [A] X [B] is now momentarily 
greater than the constant K. If our law is valid, this 
condition cannot continue to exist. A change must take 
place to bring back the value of the equation to K. This 
may happen in three ways: 





als 


1. The value of the numerator may become smaller. 
2. The value of the denominator may become larger. 


* The enlarged [C] indicates a larger concentration than was origi- 
nally present. 
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3. The value of the numerator may become smaller as the 
denominator becomes larger. 


Inspection shows that the third is the possibility which 
actually occurs. If [C] or [D] were to become smaller (in 
order to make [C] X [D] smaller) either could become so 
only by reacting with the other. Consequently both become 
smaller. But when C and D react with one another, accord- 
ing to the equation, they can form only A and B, so if 
[C] X [D] is to become smaller, then [A]  [B] must become 
larger. Stating it the other way around, if [A] or [B] is to 
become larger, it must be at the expense of [C] and [D], 
but its partner must become larger at the same time. Let x 
represent the amount by which [C] and [D] are diminished. 
The equation might now be written: 


(Gl = aD eee 
([A] + x)([B] + x) 


The net result is that the value of the constant is reached 
again, but a. new point of equilibrium is established. Obvi- 
ously, too, the concentration values of the reacting substances 
at the new point of equilibrium are different from the original 
values. 

The application to the case of ferric chloride and am- 
monium thiocyanate is now almost self-evident. Let the 
equation at a certain point of equilibrium be: 


[Fe(CNS),] & [NH.CI}* _ 
[FeCl] X [NH,CNS}> ~ 


K. 











If now the concentration of the ferric chloride or of the 
ammonium thiocyanate, or of both, be increased, the oppor- 
tunities for the collision of the molecules (omitting ionic 
considerations for the sake of simplicity) will be increased. 
As a result, more ferric thiocyanate and ammonium chloride 
will be formed. Since the ferric thiocyanate is red in color, 
the solution will become a darker red. In terms of the 
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equation, the value of the constant will not be reached by 
the increase of [FeCls] or [NHiCNS] or both. They must 
become smaller to reéstablish the value of the constant. 
They can do so only by forming Fe(CNS); and NH,Cl, so 
increasing [Fe(CNS)3] and [NH,Cl]. If the concentration 
of the ammonium chloride ([NH,Cl]) is increased instead of 
that of ferric chloride or ammonium thiocyanate (the reverse 
process), [FeCl;] and [NHiCNS] become larger at the ex- 
pense of [Fe(CNS)3] and [NH,CNS], and the color becomes 
lighter. 

A simple numerical illustration may help to make these 
relationships clearer. Let us suppose, in the case under 
consideration, that the four concentration values of the 
reacting substances can be measured after equilibrium is 
established. Let these equilibrium concentrations in gram- 
molecules per liter at 25° be as follows: 


[FeCl;] = 0.5 [Fe(CNS),3] = 0.8 
[NH.CNS§] = 0.7 [NH,Cl] TOs 
By substituting in the equation, we can calculate the value 
of the constant as follows: 


(08) ei O12 

(0.5) X (0.7)8 
If we bring the substances together in any other concentra- 
tions than the above, the reaction will go one way or the 
other until the concentrations are adjusted to such values 
as will g:ve K = 4.67 again. 


= 4.67. , 


Ionic Equilibrium. — As before stated, the Law of Mass 
Action applies to any case of substances in equilibrium. It 
applies, therefore, to all electrolytes where there is an ionic 
equilibrium between the ions and the un-ionized molecules. 
This is the type of reaction with which we deal almost 
exclusively in analytical work. The case is somewhat simpli- 
fied because in general there are only three factors involved: 
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the concentrations of the two ions and the un-ionized portion. 
For an electrolyte AB, we have 


ABZ At -- B= 
The ionic equation is 
EX: seen 
LAA Be] ; 
or better, 
PA a bes K 
[AB] 


The latter is the more generally used expression and is 
equally as applicable as the former. The only difference 
lies in the value of the constant, which in one case is merely 
the reciprocal of the other. In the case of ionic equilibria, 
the constant is generally termed the zonzzation constant. 

A brief consideration of the numerical relationships in- 
volved in evaluating the ionization constant will help to 
establish its significance. Consider the substance AB (at a 
given temperature) to be present to the extent of one mole 
per liter in a solution, and to be ionized to the extent of 
20 per cent. The concentration of the un-ionized portion 
is then 0.8 (80 per cent). The remaining 0.2 gram-molecules 
are each dissociated into the two ions A+ and B~, so the 
gram-molecular concentrations of each of these is 0.2. These 
values, inserted into the equation above, give 

(0.2) X (0.2) 
(0.8) 


To illustrate how these values may be used, let us con- 
sider a case the validity of which we have already established 
in another way, namely, the effect of dilution on the degree 
of ionization. Assume that to the above liter of electrolyte 
AB, a liter of water is added. The result is that each ion and 
molecule has just one-half its former concentration value or 


(0.1) X (0.1) 
(0.4) 





= (0.025) = K. 
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The numerical value of K is now only one-half its original 
value. According to our law, the value of the constant must 
remain constant at 0.05. To fulfil this requirement, the 
numerator must increase and the denominator decrease until 
the original value (0.05) is restored. This change is affected 
by [At] and [B~] becoming larger (if one becomes larger, the 
other must). The only way in which [A+] and [B-] can 
become larger is at the expense of [AB]. This in turn means 
that the dissociation increases with the dilution. The same 
conclusion was reached from the kinetic viewpoint, previously 
considered. 

In order to convey some idea of the actual magnitude of 
the ionization constant, K, the following table gives actu- 
ally measured values at different concentrations for the 
degree of ionization of acetic acid at 18°, along with the 
value of the constant at each concentration. The molal 
concentration of the ions is obtained by multiplying the 
fraction ionized by the number of moles present. The frac- 
tion ionized is obtained, obviously, by dividing the per cent 
ionization by 100. 





TABLE V 
Mol. conc. 
rena | Per cont|((A*|= [BD Mol. cone. ({AB]) 
if a A ionized | of H* and of HC2H302 
CoH307 





1.00 0.41% 0.0041 1.0 — .0041 = .9959 
(60 g. /liter) 
0.10 1.80% 0.0013 0.10 — .0013 = .0987 














0.01 4.07% | 0.000407 | 0.01 — .000407 = .009593 








The equation for acetic acid would be 
[H+] x [C.H;027] 
[HC.H30)] 
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Substituting the values from the above table: 
0.0041 * 0.0041 








(1) Roe = 0.0000169 
0.0013 < 0.0013 _ 

(2) 0.0987 = (.0000171 
0.000407 x 0.000407 _ 

(3) anaes = 0.0000172. 


Although in case 3 the acetic acid is 100 times more 
dilute and ten times more highly ionized than the first, the 
constant is practically the same. It is to be noted that dilute 
solutions of a weak electrolyte were selected because, as was 
said before, the law does not hold mathematically for concen- 
trated solutions and strong electrolytes. 


The Question of Molecuiar Concentration. — The question 
of the gram-molecular concentration of the ions sometimes 
causes confusion to students. For example, suppose we have 
a gram-molecular weight of a substance, AB, the molecular 
weight of which is 60. At a given temperature it is 50 per cent 
dissociated. Let the atomic weight of A be 40 and that of B 
20, for simplicity’s sake. On the basis of what has just 
gone before, we would say that the concentration of the un- 
ionized portion is 0.5 and that for each of the ions it is 0.5. 
How are we justified in saying that the molecular concentra- 
tion of each of the ions is 0.5? Of the 60 g. of AB present, 
30 are dissociated and of these 30, 20 g. are A and 10 g. 
are B. Yet we say that the molecular concentrations are 
the same. 

It is to be remembered that the opportunity for collision 
does not depend upon the weight of the molecules but upon 
the number of them present per c.c. So in the case just 
cited, even though there is a greater weight of A ions than 
B ions present, the number of each is the same, for when 
AB dissociates into A ions and B ions, there is one B ion 
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and one A ion for each molecule that dissociates. Conse- 
quently, B is just as effective in bringing about collisions 
as A. The speed of the reaction depends upon the number 
of collisions per unit of time. Hence, the concentration of 
B should be considered to be the same as that of A. We 
might view this in another way by saying that, since there 
are 20 g. of A and 10 g. of B, and since their respective 
atomic weights are 40 and 20, their concentrations are re- 
spectively 7§ and 3%. We thus arrive at the same conclusion. 


Limits of Applicability of the Mass-Action Law. — It is 
evident from the value of K for different concentrations of 
acetic acid that the mass-action equation may be applied 
with considerable accuracy. The same is true for other 
weak electrolytes in dilute solutions. As the concentration 
increases, however, the value of K diverges more and more 
from its constant value. ‘This is clearly indicated in the 
following table for the dissociation constant of acetic acid 
at 25°. The value of K is given at various dilutions, where 
V is the number of liters containing 1 mol (60 g.) of acetic 
acid: 








TABLE VI 
[ Mi ee 10? V X10? 
1,000 1.84 15 1.84 
500 1.84 is 1.81 
250 1.84 4 1.76 
60 1.85 2 1.65 
30 1.85 1 1.65 























The obvious lack of constancy at higher concentrations 
might have been anticipated from what has been said of 
activity. In spite of the apparent divergencies, however, 
the values over a wide range of concentrations are not ex- 
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tremely great, and in a qualitative way they are quite 
satisfactory. 

In the case of strong electrolytes, we might correctly 
anticipate that, owing to high dissociation, the manifesta- 
tion of attractive forces between the great number of posi- 
tively and negatively charged ions would be even greater. 
Experiments show that the values of K, even over moderate 
ranges of concentration, are in no sense constant. The fol- 
lowing table gives the values of K for a strong electrolyte, 
potassium chloride at 18° C.: 














TABLE VII 

Vv K X 103 V KX 10° 
10,000 15.4 50 222.1 
5,000 22.3 20 364.2 
2,000 35.2 10 540.5 
1,000 48.5 5 815.4 

500 68.1 2 1434. 

200 108.4 1 2350. 

100 154.2 














It is quite evident that, at ordinary ranges of concentra- 
tion used in the laboratory, the Law of Mass Action does 
not hold at all. 

Many attempts have been made to explain the anomalous 
character of strong electrolytes. The mass-action equation 
has been modified in many ways to meet the variance. All 
of them were purely empirical and none was satisfactory, 
particularly as there was no real theoretical basis for the 
majority of them. 


Modern Theories of Dissociation. — A. A. Noyes in 1908 
postulated that strong electrolytes were, at least potentially, 
completely dissociated. X-ray work on crystal structures 
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indicated that a crystal of solid sodium chloride or fluoride 
contained no molecules at all, but that the elements, even in 
the solid form, were present as ions. As a result, Debye and 
Hiickel have proposed a theory of complete dissociation. 
They state that strong electrolytes are almost entirely dis- 
sociated and that the divergencies from the mass-action 
principle are due to electric forces between the ions. By 
means of equations derived by Debye and Hiickel, it is 
possible to calculate what the “activity” of an ion is, and 
therefore its “apparent’’ concentration. For dilute solutions, 
the above assumptions have been tested and found to be in 
excellent agreement with the facts. Unfortunately, when 
concentrated solutions of strong electrolytes come into play, 
the above equations do not hold. Evidently other factors 
must be taken into consideration. 

There must be combination of one sort or another between 
the ions and the solvent. It can hardly be a coincidence 
that highly ionized acids, bases, and salts all have the 
ability to form hydrates, whereas the weakly ionized ones 
do not have this ability. It is rather striking that the highly 
ionized acids, H.SO,, HCl, and HNOs, all form hydrates, 
whereas not a single example of a stable hydrate can be 
found among the many weak acids. It is clear that if there 
is hydrate formation between the solvent and the ions, 
concentration changes must take place, since the solvent is 
consumed in hydrating the ions. These concentration 
changes unquestionably affect the validity of our mass- 
action calculations. 

Another factor which must be given consideration is the 
volume occupied by the ions themselves. In dilute solutions 
the volume is negligible. When the concentrations increase, 
the volume of the former becomes appreciable and must be 
considered. We can only await further developments along 
such lines as the Debye-Hiickel theory for answers to these 
problems. 
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Meanwhile, let us not lose sight of the fact that, although 


we use strong electrolytes in analytical work, the solutions 
in which we make our final tests are seldom concentrated. 
Hence the assumptions of Arrhenius, though quantitatively 
inaccurate, serve as an excellent and adequate basis for the 
explanations we wish to make.* 


SUMMARY 


We have just learned: 


I 


That in an equilibrium there are two opposing reactions 
going on at equal rates of speed so that apparently 
nothing is being accomplished. 


. That a change in the conditions governing the equilib- 


rium brings about a change in the point of equilibrium, 
so that theoretically equilibrium may be reached at an 
infinite number of points for the same set of reactants. 


. That the factors which affect the point of equilibrium 


are pressure, temperature, and concentration. 


. That the speed of a reaction is proportional to the 


product of the molecular concentrations of the reactants 
(Law of Mass Action). 


. That the concentrations at equilibrium may be expressed 


in the form of an equation which helps us to predict 
what will happen when a given change in concentration 


. is brought about. 


~J 


. That the Law of Molecular Concentrations (or Mass 


Action) does not hold quantitatively for more concen- 
trated solutions. 


. That the above law applies to ionic equilibrium. 
. That the product of the concentrations of the ions di- 


vided by the concentration of the un-ionized molecule is 
a constant for any one temperature. This is called the 
equilibrium constant for that substance at that tem- 
perature. 

* S-K, pp. 812-814. 
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. That electrolytes may be completely dissociated, but do 


not manifest their complete dissociation because of 
electric forces exerted by the ions on one another. 

That in dilute solutions, the apparent concentration 
may be expressed by multiplying the real concentration 
by an ‘‘activity coefficient”’ (f). 

That in concentrated solutions the concept of activity 
does not seem to explain all the facts. 

That even though the Law of Molecular Concentration 
may not hold quantitatively, its use in qualitative analy- 
sis is not at all impaired. 


QUESTIONS 


[C] X [D] ee 
[Ay x [BE 


. Make a list of five reversible reactions you learned in general 


chemistry. Write out these equations with a discussion of 
what conditions will cause each one to go to the left (<—) or 
to the right (>). 


. Discuss all the ways in which a reversible reaction in equilib- 


rium may be disturbed. 


. How is the value of a constant for a chemical equilibrium 


affected by a change in concentration of the reacting sub- 
stances? 


. What factors influence the velocity of a chemical change? 


Which ones of these are under the control of the experimenter? 


. Name and describe two general methods of causing an ionic 


equilibrium to go toward completion. 


. Suppose two substances, A and B, react reversibly with one 


another under constant temperature. What happens to their 
concentrations and to the rate of reaction, from the instant of 


mixing? 


. Work out the quantitative effect of adding to a normal solu- 


tion of acetic acid an equivalent amount of sodium acetate. 
(The sodium acetate is 0.53 ionized.) Ans. [H*] = .0.84. 


. What is the concentration of the hydrogen ion and the acetate 


ion in a 0.1N acetic acid solution to which a normal solution 
of hydrochloric acid has been added in equal quantity? 
Ans. [Ht] = .439; [Ac] = .05194. 
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10. 


ile 


12. 


13. 


14. 


15. 


16. 


TG 


When silver chloride is formed by the interaction of solutions 
of silver nitrate and sodium chloride, why does the reaction 
apparently go to completion? 

Mercuric oxide can be formed by heating mercury in the air. 
It can be decomposed into mercury and oxygen by heating. 
Explain. 

Why can magnetic oxide of iron be reduced completely by a 
stream of hydrogen? Why can the reverse reaction of oxi- 
dizing iron by steam be also completely brought about? 

From the table on page 63, calculate the ionization constants 
for the primary ionization of the following acids: carbonic, 
acetic, and phosphoric. 

Ans. Kgecos == 063; Kucets0s = 0418; Kuspo,4 = tn. 
What is the molar concentration of the acetate ion in N/10 
acetic acid? of the chloride ion in N/10 hydrochloric acid? 
of the sulphate ion in N/10 sulphuric acid? 

Ans. (HC2H302)[H*] = .00134; (HCl)[H*] = .092; 
(H2S80.)[H*] = .0305. 
The solubility of Mg(OH)2 is 0.00875 g. per liter at 20°. As- 
suming that it is completely dissociated at this concentration, 
calculate the concentration of the Mg and the OH” ions. 
Ans. [Mgt*] = .0315; [OH-] = .0;3. 
What is the concentration of the OH- in a N/10 solution of 
NH.,OH? Calculate the strength of an NaOH solution that 
would be necessary to supply the same OH” concentration, 
assuming that the NaOH is completely ionized at this strength. 
Ans. (NH4,OH)[OH-] = .00134; (NaOH) = .00134N. 
Water dissolves 0.001483 g. of AgCl at 20°. Assuming com- 
plete ionization, what is the concentration of the Ag ion in a 
saturated solution of AgCl? Ans. [Agt] = .0.1. 
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CHAPTER V 


HETEROGENEOUS EQUILIBRIUM AND THE SOLUBILITY 
PRODUCT PRINCIPLE 


Heterogeneous and Physical Equilibrium. — In the cases 
of equilibrium previously considered, the reacting materials 
have practically all been either in solution or in the gaseous 
form. These are called cases of homogeneous equilibrium 
because the concentrations of the materials are the same in 
all parts of the mixture. 

Many operations in qualitative analysis have to do with 
the formation and dissolving of precipitates. In such cases, 
we have equilibrium between the particles of ‘a substance 
in the dissolved and solid states, if the solution is saturated. 
The materials are not mixed in a uniform manner with one 
another. This is called heterogeneous equilibrium. 

In an equilibrium between a saturated solution of a sub- 
stance and the solid lying at the bottom of the vessel, it is 
easy to define the concentration of the dissolved portion 
because the solubility of the substance is known. It is not 
difficult, either, to imagine how all the dissolved particles of 
the substance are available for reaction. It is a different 
matter in the case of a solid. Only the molecules at the 
surface of the solid are available for reaction. Only these 
can have any effect upon the reaction. These available 
molecules are called the active mass and may be considered 
constant for qualitative purposes. Actually, this is not 
strictly true. 

The relationships which hold in the case of heterogeneous 
equilibria are analogous to those for homogeneous equilibria. 
Take, for example, a solid, S, dissolving in a liquid, giving 
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dissolved molecules until equilibrium is established. This 
occurs when the number of molecules leaving the solid and 
going into solution per second is equal to the number being 
deposited on the solid from the solution; in other words, when 
the solution is saturated. The speed of the dissolving reac- 
tion will be proportional to the concentration of the mole- 
cules in the solid state, say [s]. Call the speed in this direc- 
tion §;. The speed (call it 8:) of the opposing reaction will 
be proportional to the concentration of the dissolved (but 
un-ionized) molecules [m]. Let K; and K, be the propor- 
tionality constants respectively, for the two reactions; then: 


(1) Is) xX Ka Sis 
(2). [m] x Ke = 82. 
At equilibrium 8; = &:, therefore: 
(3) [s] X Ki = [m] X Ky, 


[s] a K, = 


(4) imp Ape 
This is an expression very similar to the one just derived 
for the Law of Mass Action. To state it in words, we may 
say that: At a given temperature, the ratio of the concen- 
trations of the molecules in the dissolved (but un-ionized) 
state to those in the solid state is a constant when equilibrium 
is established. 


or 





The Solubility Product Principle. — Equations have now 
been developed which apply to each of the equilibria which 
exist when we have a saturated solution of an electrolyte, 
namely an equation for the equilibrium between the solid 
and the dissolved, but un-ionized, molecules and an equa- 
tion for the equilibrium between the un-ionized molecules 
and the ions. For a salt AB, these equations are: 

[AB (diss) ] a 

i [AB solid) Sees: 
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[At] <' [B=] 
(2) [AB (diss)] 


— Ko. 


A very important relationship may be developed from 
these two equations in the following manner: 

In the equation epee = Ky, it was assumed that 

[AB(solid)] ° ir 

[AB(solid)] had a constant value. As was previously stated, 
this is not strictly true, but it is sufficiently so for our pur- 
pose. From this we can immediately deduce that [AB] is 
also constant, for 


[AB (diss) } 
but [AB (solid) ] 
therefore [AB(diss)] 


K, X [AB(solid)], from 1; 


I 


constant, call it K,; 


K, X K, = constant, say K,. 


Now let us look at equation 2: 


[AFIT Bale 
{AB(diss)] _ Ky. 


But [AB(diss)] = constant = K,,. Therefore we may write 
[A+] x [B-] = Ke X Kn = constant, say Kgp. 

The new constant is called K,,. It will represent a value 
we shall call the solubility product constant. 

To put the above equation in words: In a saturated solu- 
tion, at a fixed temperature, the product of the molar con- 
centrations of the ions is a constant, called the solubility 
product constant. 

It is very important to remember that this applies only 
to saturated solutions, and cannot therefore be applied to 
any case of equilibrium. For reasons which appear below, 
this principle applies only to difficultly soluble substances. 
In spite of its limitations, this relationship is a very im- 
portant one and will be of great assistance in explaining 
many of the phenomena which occur in our work. 
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Limitations of the Solubility Product Principle. — The 
derivation of the Solubility Product Principle assumes as 
proven the constancy of the dissolved but un-ionized por- 
tion of the molecules. This is not true when other salts are 
present. Thus in work done by A. A. Noyes, Arrhenius 
pointed out that the total solubility of thallous chloride 
(0.0017N) in the presence of 0.8N potassium chloride is less 
than the concentration of the un-ionized thallous chloride 
(0.00179N), when potassium chloride is absent. 

Coupled with what has been observed concerning the 
accuracy of the whole mass-action equation from which the 
solubility product is derived, it would seem that the princi- 
ple rests on a rather shaky foundation. It is true that for 
solutions of even moderately soluble strong electrolytes, the 
solubility product constant is not constant at all. On the 
other hand, where we deal with a rather insoluble substance, 
the concentrations of ions, even though the substance be 
highly dissociated, is comparatively low. The attraction, 
volume, and hydration effects are not appreciable and the 
principle holds in semi-quantitative fasbion. As _ previ- 
ously mentioned, so long as we have a principle which 
explains a large number of facts in a qualitative fashion, it 
is valuable for our purposes. * 


Precipitation. — Since in a saturated solution the product 
of the concentrations of the ions is a constant, increasing 
the concentration of one or both of the ions would give a 
value greater than the solubility product constant. In 
other words, the concentrations of the ions are now greater 
than the values required to saturate the solution. Since we 
are beyond the saturation point, one of two things must 
happen; either the solution becomes supersaturated, which 
seldom happens in qualitative work, or a precipitate forms 


* S-K, pp. 811-814. 
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until the solution again becomes saturated and the value of 

the solubility product is once more attained. 

On the other hand, if the product of the concentrations of 
the ions is less than the value for the solubility product, the 
solution must be undersaturated. Increase in the concentra- 
tion of one or both of the ions may now take place until the 
solubility product value is reached. The solution is again 
saturated at this point and any further increase in the ion 
concentrations will cause precipitation as before. 

We see then that the solubility product is a criterion of 
the saturation of a solution. Saturation is the stable condi- 
tion of equilibrium which both undersaturation and super- 
saturation approach. It will be helpful to summarize these 
ideas as follows: 

1. If the product of the concentrations of the ions is less 
than the solubility product, more of the substance will 
dissolve, or one or both of its ion concentrations may be 
increased until the solution is saturated or until the 
solubility product value is reached. 

2. If the product of the concentrations of the ions is greater 
than the solubility product, precipitation occurs until this 
value is reached. 


Calculating Solubility Products for Simple Salts. — Let us 
consider an actual case of a salt to get some idea of the 
numerical values involved. Silver acetate has a solubility 
of 10.07 g. per liter at 16°. Its molar concentration in a 
saturated solution, since its molecular weight is 167, is 
19-97 or 0.0603 gram mols. Measurements show that 
it is 70.8 per cent ionized. The concentration of the silver 
ion is therefore 0.708 < 0.0603 = 0.0427. Since for each 
Agt, there is an C.H;O.7 ion, the concentration of the latter 
ion is also 0.0427. The ionization of the salt is represented 
as follows: 





AgC2H;302 2S Agt + CoHieOoe. 
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The solubility product equation would therefore be 
[Agt] & [C2H302-] = Ksp16°. 
Substituting the numerical values just obtained, we have: 
0.0427 XK 0.0427 = Kapig = 0.00182. 


This value (0.00182) represents the product of the molecu- 
lar concentration of the ions at 16°, when the solution is 
saturated. If the solution is undersaturated, the product of 
the concentrations of the ions is less than 0.00182, and the 
concentration of one or both of the ions may be increased 
until this value is reached. At this point, the solution is 
saturated, and any further increase in the concentration of 
either or both of the ions will be in excess of the value 
0.00182, and precipitation of silver acetate will result. That 
these facts are so can easily be shown experimentally. 

The student should not think all these values are actually 
determined. Many of them represent values smaller than 
the most sensitive analytical methods could detect. They 
are most frequently calculated from other data and are 
therefore the less accurate. 


Calculating the Solubility Products of More Complex 
Salts. — We saw that in the calculation of the solubility 
product of AgC.:H;O., the operations were quite straight- 
forward. The same is true for all salts made up of two 
monovalent ions. It is merely a question of dividing the 
solubility at a given temperature by the molecular weight 
to get the number of mols per liter and then multiplying 
this by the degree of ionization to get the number of mols 
in the ionic form. Since the §.P. value is equal to the 
product of the concentrations of the ions, multiplying the 
last obtained value by itself gives us the desired constant. 

In the cases of more complex salts, however, we must be 
more careful not to fall into a trap, for while the calculation 
involved is simple enough, the necessity for making it is 
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not always entirely clear to beginners. An example will 
illustrate the case in point. Let us take silver phosphate, 
AgsPOx,, which ionizes according to the scheme: 


AgsPO,4 2 3 Agt + PO es 


A saturated solution of this salt at room temperature con- 
tains 0.0065 g. per liter. Its molecular weight is 418.7. 
The molar solubility is, therefore, %¢2%2 = .0,16. Since this 
is an extremely dilute solution, we may consider it to be 
completely ionized. As a matter of fact, we make the same 
assumption in calculating practically all solubility product 
constants, since the principle really holds quantitatively 
only for very dilute solutions. 

From the ionization equation above we see, then, that for 
every unit or mole of PO; ion, there are three units or moles 
of Agt ion. The concentration [Ag*] is therefore three times 
as great as that of the [PO.=], or is 3 X 0.0416 = 0.0.48. 
Now, however, we must remember from what has gone 
before that the Ag+ ion is effective as the cube of the molar 
concentration, for our mass-action equation for Ags3PQO, is: 


[Agt]® x [PO;] = K,, at this temperature. 
Therefore our numerical equation must be: 


(3 < 0.0416) De (0.0416) => 0.01718 = Ke for Ags3PO,. 


Another rather interesting fact is to be observed from the 
above values. Silver iodide is a very much more insoluble 
salt than silver phosphate. The solubility of the former at 
room temperature is 0.0;3 g. per liter, which means that 
it is about 2,200 times more insoluble than the phosphate. 
When we calculate the solubility product constant for the 
iodide, however, we find that it is 0.0,;17. In other words, 
the solubility product constant is 100 times larger for a salt 
which is 2,200 times more insoluble. This, of course, is a 


result of the effect of cubing the concentration of the Agt _ 
ion in AgsPO,, and among other things, which-will 6 be Mmen= > - 
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tioned later, it is an outstanding reason why the molar 
solubilities of different salts cannot be directly predicted from 
their solubility products. 


Common-Ion Effect. — If we increase the concentration of 
one of the ions to a value that is in excess of the K,,, a very 
interesting development is to be noted, namely, that the 
solubility of the salt itself, in this case silver acetate, is 
actually decreased. Assume that we have a saturated solu- 
tion of silver acetate and add to it some sodium acetate of 
strength sufficient to increase the concentration of the ace- 
tate ion. The sodium ion does not enter into the considera- 
tion. Since now the value of [Agt] & [C.2H;0.-] is greater 
than the K,,, a precipitate of silver acetate begins to form 
until the value of the constant is restored. This means that 
there are less silver ions in the solution. Since each molecule 
of silver acetate must contain a silver ion, and there are 
now less silver ions than when the solution was originally 
saturated, the solubility of silver acetate has been decreased. 
This was accomplished by adding an ion common to one of 
the original two. A great deal of use is made of this phenom- 
enon in analytical work, since the total solubility of a salt 
may be very considerably reduced by this method. It 
should be remembered, though, that the solubility product 
value remains the same even if the total solubility becomes 
smaller. 

Without entering into the calculations, the following table 
shows the changes in the concentrations which take place 
on addition of sodium acetate to saturated solutions of silver 
acetate. Column 1 gives the concentration of sodium acetate 
added to the saturated solution of silver acetate, column 2 
the total concentration of the silver acetate in the saturated 
solution (after the precipitation of some silver acetate has 
taken place). Columns 3 and 4 show the concentrations of 
the silver and acetate ions respectively, in the saturated 
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solution after the addition of sodium acetate, and column 5 
shows the value of the solubility product calculated from the 
others. 


TABLE VIII * 




















| NaC,H302 AgCoH302 [CoH30—- ] [Agt] ken 
0.00 0.0603 0.0427 0.0427 0.00182 
0.061 0.0392 0.078% 0.0258 0.00185 
0.119 0.0280 0.1065 0.0167 0.00179 
0.239 0.0208 On 0.0109 0.00188 








It will be noted in the above table that as the concentra- 
tion of acetate ion is increased by addition of sodium acetate, 
the value of the silver ion concentration falls, and with it, 
of course, the solubility of the silver acetate. The value of 
the latter drops from 0.0603 mols (with no sodium acetate) 
to 0.0208 mols, or about one-third the original value.** The 
constant K,,, it is seen, remains at approximately the same 
value. Results of the same nature may be obtained by 
addition of silver nitrate to saturated solutions of silver 
acetate, simply changing the common ion. In general, it 
may be said that a difficultly soluble salt may be made less 
soluble by the addition of a salt which has an ion in common, 
provided the concentration of this common ton is increased by 
the addition. 


Exponential Numbers. — Whereas, up to the present, we 
have been expressing decimal numbers in their ordinary form, 
such as 0.00006, or by an abbreviated method, 0.0,6, neither 
of these methods is the most convenient, either from the 


* This table is part of one given by Stieglitz, J.A.C.S., XXX (1908). 

** Tt should not be thought that the reduction of silver acetate to 
one-third its original value is anything like what may actually be ac- 
complished. It can easily be shown, for example, that the solubility 
of an ‘insoluble’ sulphide may be reduced as much as 50,000 times 
by addition of ammonium sulphide. 
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standpoint of interpretation or from that of arithmetical 
calculation. Of course, these remarks apply only to very 
small decimal numbers or very large whole numbers. 

When a mathematician wishes to express either a large 
whole number or a small decimal number, he does it in 
terms of powers of ten. This necessitates his making his 
expression a product of two numbers, the first a so-called 
digit term and the second an exponential term, which is al- 
ways the number 10 to some power, depending on the 
number to be expressed, thus: 


10=1.0 X 10! 
100= 1.0 X 10? 
1,000 = 1.0  X 10° 
32= 3.2 X 10! 


4500= 4.5 X 108 
62,500 = 6.25 X 104 
8,329 = 8.329 X 103 


Though it is not absolutely essential, it will be noted that 
the digit number is always expressed as some whole number 
less than 10, plus whatever decimal the number requires. 
The accuracy of most analytical data is generally of such 
an order that not more than two places of decimals are 
necessary after the decimal point in the digit term, and 
in what follows it will be noted that this practice is generally 
adhered to. If the third term of the decimal is greater than 
5, the second term is increased by 1 and the third dropped. 
If the third term is smaller than 5, it is merely dropped. 

The student should particularly note in the above num- 
bers that the exponent of 10 is equal to the number of places 
which the decimal point has been moved to the left in the 
digit number. Thus, in the number 62,500, the decimal 
point has been moved four places to the left to give 6.25. 
The exponent of 10 is therefore 4. This is the simplest way 
to convert an ordinary number to an exponential one. 
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A very natural question arises in the student’s mind: How 
am I to express a number between 1 and 10? The answer 
is that it may be expressed as the number itself times 10 
to the zero power, since those who have had algebra will 
remember that 10 to the zero power (10°) equals 1. The 
ordinary convention is to omit the writing of 10°, leaving it 
as understood. 

Thus far we have confined our attention to numbers 
greater than one, but we find that in analytical chemistry 
most solubilities and solubility products with which we are 
concerned are small fractional numbers, frequently extremely 
small. How are we to express these? Consider the number 
0.005. This may be expressed otherwise as zoo OF 7o:. 
Mathematicians have proven that for any number a to any 





power n, is the same as a (for this proof the student is 


referred to some standard college text on algebra). This is 
called one of the Laws of Exponents. The expression 3%, 
therefore, may be written as 5 X 10-*. The following ex- 
amples will illustrate this method of expressing fractional 
numbers: 


0.506 = 5.06 X 107 
0.0506 = 5.06 X 10° 
0.00506 = 5.06 X 10-3 
0.000000506 = 5.06 x 1077. 


It is to be observed here that the negative power of 10 is 
equal to the number of places which the decimal point has 
been moved to the right in forming the digit number. Thus, 
in the number 0.00506, to get the digit number 5.06, the 
decimal point is moved three places to the right. Therefore 
— 3 is the exponent of 10 and the number is written 5.06 x 
10m 

Mathematicians have taught us several other things about 
exponential numbers which add a great deal to our conven- 
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ience in making calculation with them. We shall concern 
ourselves with only two of these facts. They are: 


I 


That the product of two exponential numbers may be 
obtained by adding their exponents algebraically, thus, 
108-109 102% = 107 Oe 0 
10-3 & 107-7 = 10-3+—) = {90-2, 


. That the quotient of two exponential numbers may be 


obtained by subtracting their exponents (this is, of course, 
implied in the above statement, for 10°/10? is the same 
as writing 10? * 10”). 


The student must keep in mind the fact that these rules 


for exponents apply only to powers of 10 and do not involve 
the digit number in any way. The digit numbers are treated 
according to the rules of ordinary arithmetic. 


Ss 


Let us try a few examples to make sure we have the ideas 
well in mind. 
Multiply 1.7 X 10° by 3.0 X 104. 
It is best to set the problem down in this fashion: 
1X 10 
3.0 X 104 
and then set the product of the digit terms beneath the 
digit terms, and under the exponential terms, their 
product. Foy the digit terms 1.7 X 3.0 = 5.1, and for 
the exponential terms 10° x 104 = 10!°, Thus we have 
Lolo 
3.0 X 104 
Dl 10 


2. Divide 6.0. < 10" by 1.5 x 10°, 


Set this down by the ordinary method as a quotient: 
6.0 X 107 
1.5-X 10° 
Then, #$ = 4, and 107 X 10 = 10% so that our 
answer is 4 X 10°. 
[ 106 ] 


HETEROGENEOUS EQUILIBRIUM 


Magnitude of Solubility Product. —It is obvious that 
different salts will have different solubility products. The 
more soluble the salt, the greater will be the concentrations 
of its ions and therefore the greater will be the value of 
their product. In general we may say that the more soluble 
the salt, the higher will be its solubility product constant. 
The variation is not mathematically proportionate, how- 
ever, because the degrees of ionization vary for different 
compounds. In other words, if one compound were twice 
as soluble as another and they were both ionized to the same 
degree and gave the same number of ions per molecule, then 
the solubility product of one would be just half that of the 
other. If they are differently ionized, this relation fails. 
Furthermore, it is obvious that the variation in the values 
of the solubility product constants will be extremely wide, 
since the solubility differences in different compounds are so 
great. The student must keep in mind that these statements 
apply only to salts of the same valence type. It was shown 
for Ag;PO, and AgI that the latter has the higher S.P., 
though much more insoluble than Ag;PO,. 

The following brief table will give some idea of the nu- 
merical values of the solubility products of various common 
compounds and of the extent of their variation. 


ABU EX% 




















Compound Ker Compound Ken 
Ligeia aes G 4.0 10 BaCrOi ema k £6%107% 
CUS ee ost tee Spee BaSO. 9.0% 10> 
boise sc cave 42x 10° DOC scams? 12) LO e 
OSes octet. SUBS Oo (Cia (CC ROUS ono oe Ieee Or? 
LAR es he 3 Loa pall) aC Ose 7 ee. 2.8 X 10-° 
INES ae we PA Oe BaGOsann. sae Lo 107? 
MgNH,PO... | 2:5 10° EDSO tenance LO 10% | 








*These values were taken partially from Treadwell and Hall’s 
Analytical Chemistry (1916), pp. 21-22, and from other sources. 
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Practical Use of the Solubility Product Principle. — 
Whereas for ordinary purposes of explanation and discussion 
of reactions in qualitative analysis it is not necessary to go 
into the actual numerical values for the solubility products, 
concentrations, and the like, the use of these values is often 
very important in planning a workable procedure for a system 
of analysis and points out to the student at the same time 
the necessity for adhering to the amounts of reagents recom- 
mended in his laboratory manual. One or two examples 
will make this clear. 

In the precipitation of the group which contains Cu, Pb, 
Bi, Cd, Hg, As, Sb, and Sn, most procedures recommend 
that the concentration of acid for HS precipitation be 
equivalent to 2.5 c.c. of concentrated HCl (12N). Since 
12N HCl contains 12 moles per liter, 2.5 ¢.c. would contain 
12 X xtéo = 0.03 moles. We have, then, 0.03 moles in 
100 c.c., or 0.8 moles per liter. HCl at this concentration 
is about 90 per cent ionized. The concentration of the H+ 
ion [H*] would be 0.90 X 0.3 = 0.27 m/I (moles per liter). 
Let us see what effect this [H+] would have upon the pre- 
cipitation of PbS, the most soluble sulphide (excepting CdS) 
of the so-called Cu group, and upon ZnS, the most insoluble 
sulphide of the Fe, Cr, Al, Co, Mn, Ni, Zn group, which for 
brevity will hereinafter be referred to as the Fe group. 

PbS. — When HS is passed into a solution containing - 
lead as one of its salts, with HCl of the above strength, 
until it is saturated at room temperature, the fellowing 
values must be satisfied: 


[E+]? & [Sh] 1 10-8: 
This is the ion-product constant for H.S which has been 
demonstrated by experiment. As calculated above, the [H+] 
for this solution is .27, since we may neglect the very minute 
[H*] from the dissociation of H2S itself. We have then: 
[H*)? X [S=].= (0.27) x [B=] = 1.1 eo 
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_, _ 11x 1073 
IS] = ~@ 0729) 


From our table, the value for K,, of PbS is 4.2 * 10-28 at 
room temperature. Knowing that [S=] = 1.51 x 10-22, we 
can now calculate the [Pb++] which can exist in a solution 
of the above acid strength when saturated with H.8: 
[Po] Xx [S| = 42-« 10-"*) but [S=] = 1.51 « 10-2? 
A X10 
hate SO _—_ = —6 
[Pbt*] LB1 10-2 249 % 10-*m/1, 

The volume of the solution is 100 c.c., and since we have 
2.78 X 10~® moles in a liter, we will have 0.278 x 10-8, or 
2.78 X 10-7 moles of Pb left in 100 c.c. solution. Let us 
see how much lead chloride this represents in order to get 
an idea of the completeness of the precipitation. Each mole 
of lead weighs 207.2 g., therefore 207.2 X 2.78 X 10-7 = 
grams of Pb. Since, however, we wish to calculate for PbCh, 

; : PbCl, _ 278.12 
we must multiply the weight of Pb by Pb 207.9" 
We have then: 


2072 218 XK 1LO5O XK 


Sad 0 = Lol x 10-221 





278.12 


— mit SS 
07.2 2.78 X1077 K 278.12 = 773 


lO oo Ore, 


This means that there are 0.0000773 g. of PbCl, left in the 
solution, an amount which need not worry us at all. 

A frequent error which students make in the precipitation 
of the copper group with H,S is to dilute it insufficiently for 
complete precipitation. It is true that HgS, Bi.S;, and CuS, 
having solubility products of 4.0 x 10-3, 3.2 x 10-%, 
and 8.5 X 10-* respectively, will be precipitated completely 
even if the solution is not diluted to 100 c.c. In the case of 
PbS, however, it can be shown by calculations similar to 
those above that if the solution containing 2.5 c.c. of HCl 
is diluted only to 50 c.c., enough lead would remain in 
solution to give a precipitate in the Fe group and thus give 


[ 109 J 





ELEMENTARY THEORY OF QUALITATIVE ANALYSIS 


misleading indications of the presence of Co and Ni, since 
their sulphides, along with that of lead, are black. 

ZnS. — Whereas we must be careful to dilute the solution 
sufficiently to precipitate all the Cu-group metals, we must 
on the other hand not dilute it too far, for we may pre- 
cipitate some ZnS if we do. If the concentration of Znt** 
and S™ are such that [Znt | & [S=] = 1.2 x 10°" = K,, of 
ZnS, it will be precipitated. Let us see how much Zn++ 
ion this would require. From the previous calculation, with 
2.50 6.0. HCl im 100 ce. [S-powas lol 31 = We may 
then write: 


[Zar] XO Se 10) = 1 os 


28 
(Znt++] = eae = 0.795 X 107 = 0.0795 m/1. 

Since the usual strength of solutions given for analysis con- 
tains about 0.0045 m/l of Zn*++ ion, no zine would be 
precipitated at 100 c.c. If the [Zn**] is raised to 0.024 m/] 
and the solution diluted to 200 ¢.c., ZnS will begin to pre- 
cipitate. This can easily be seen from the following considera- 
tions: Dilution to 200 c.c. reduces [H+] to 4 its former value. 
[H+]? then becomes ¢ and [S=] is 4 times as large in conse- 
quence. This means that [Zn*++] is + X 0.0795 m/l = 
0.0199 m/l. Since the original concentration of Zn*++ was 
0.024 m/l, some ZnS would precipitate. From the above 
considerations, it is clear that the proper acid concentration 
at the beginning of the copper-group procedure is quite 
important. 


Precipitation of Mg(OH)..— Another frequently cited 
illustration of the practical use of the Solubility Product 
Principle is the prevention of the precipitation of Mg(OH). 
along with the Fe-group sulphides and hydroxides, by addi- 
tion of NHyCl. If the Mg** ion is precipitated at this point, 
it will, of course, be filtered and not only mislead us in our 
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conclusions about the Fe group, but make it difficult or 
impossible to find Mg*+ in its proper place. 

The K,, for Mg(OH)2 is 1.2 X 10-4. Until [Mgt+] x 
[OH-|? > 1.2 X 10, no Mg*+ will be precipitated. The 
solutions given to students for analysis are generally made 
from Mg(NOs)2 with about 1.5 g. of Mg per liter. This means 
that with respect to Mg, the solution contains 42 
m/l = 0.0625 m/l. The Mg(NOs). at this concentration is 
about 70 per cent ionized. The [Mg++] is therefore 0.0625 
X 0.70 = 0.04375 = 0.044 m/l. From above, [Mg++] x 
[OH]? = 1.2 X 10-4, we can now find the [OH~] necessary 
to start the precipitation of Mg(OH)s: 


([Mgt+] = 0.044) x [OH-]? = 1.2 x 10-4 
2 jal ESSE eres 
[OH-] = \ 2D WoT 8 S10 


0.044 
= V2.78 x 10-1 
= 1.67 x 10-5. 





Now let us see what [OH~] is present when NH,OH with 
no ammonium salt is added at the beginning of the Fe 
group. Assume that a 2-c.c. excess of 2N NH,OH is added 
and that the total volume of the solution is 20 ¢.c. The 
NH,OH is 3 X 2 = 0.2N or molar. NH.OH at this con- 
centration is about 1.0 per cent ionized. Therefore, [OH~] 
= 0.2 X 0.01 = 0.002 = 2 x 10-* m/l]. Since, as calculated 
above, it requires only 1.67 X 10- m/l] to start precipitation 
of Mg(OH)s, the normal addition of NH,OH at the begin- 
ning of the Fe group would precipitate some Mg(OH).. 
This is prevented by the addition of NH,Cl. 

Let us examine the effect of adding 5 c.c. of 6N NHCl 
in a total volume of 20 ¢.c. The concentration of NH,Cl is 
go X6=1.5Norm/1. At this concentration, NH,Clis about 
75 per cent ionized. Therefore, [NH,t] = 1.5 X 0.75 = 
1.125 m/l. The [NH;*] from the NH,OH would be the same 
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as the [OH-] which was calculated to be 2 K 10-* m/l. 
The total [NH.*] is then 1.125 + 0.002 = 1.127. 

Now calculate the ionization constant (x) for NH,OH in 
order to find the effect of the increased NH,* ion of the 
NH,Cl. We know that: 

(NE On|): K 
[NH,OH] aad NH:OH: 


From above, [OH-] and therefore [NH.+] of the NH.OH = 
0.002. Since we originally had 0.2 molar NH,OH in a 20-c.c. 
volume, the [NH.OH] = 0.2 — 0.002 = 0.198 = 1.98 x 107 
Therefore: 


(INHi*]=2 x 10-8) x ((OH-]=2 X 10-8) 4 x 10-8 





((NH,OH] = 1.98 X 107) 34S S10 
=F 
a = 2.02 < 10-5 = 0,00002 = Kyou. 


When NH.CI is added, [NH,*] is increased; and since K 
must remain constant, [OH~] is diminished. The only way 
in which [OH~-] can diminish is by formation of molecular 
NH,OH, which means that [NH,OH] is increased. Rela- 
tively it increases but little. Its maximum, if the NH,OH 
were not dissociated at all, would be 0.2, since this was the 
total original concentration of the ammonium hydroxide. 
Let us assume that, by virtue of the addition of the NH,Cl, 
[NH,OH] is raised to 0.199. Remembering that the total 
[NH,*] was calculated to be 1.127, we may write: 

(NHe}=1.127) x [OH : 
(INH.OH] = 0.199) ~ Ssmon = 9.00002. 


We may calculate from this the value to which [OH-] has 
been depressed by the addition of NH,Cl: 
oy 2 0,02 XxX O108) 2. 0 TOS 0 
ee eared eran 1.127 - 


3.96 X 10-8 423 
“L1a7 ~~ 62 X 10-* = 0.0,162. 
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Since the [OH-], without NH,Cl, was 2 x 10-* and after 
kip Seat 162-610" % 
—6 ~~ SO —_ = 
the addition is 1.62 X 10-§, the [OH7-] 2x 1053 
0.81 X 10-3 = 0.00081 or about z3s of what it originally 
was. This is by far too little to precipitate Mg(OH).. 
The use of NH,Cl to reduce the concentration of the OH- 


ion is another well-known example of the common-ion effect. 


SUMMARY 


We have just learned that: 


1. In a saturated solution, at a fixed temperature, the 
product of the concentrations of the ions is a constant. 

2. This applies strictly mathematically only to dilute solu- 
tions of weak electrolytes, but is nevertheless very valu- 
able in a qualitative way. 

3. If we know the concentrations of the ions in a solution 
and the value of the solubility product for a given salt, 
we can predict whether it will give a precipitate or not. 

4. The values for the solubility products of simple and 
complex salts may be calculated from their solubilities. 

5. The concentration of a given ion in a solution may be 
depressed by the addition of a compound with a common 
ion in higher concentrations than that present. 

6. This is called the common-ion effect. 


QUESTIONS 


1. Is the concentration of the solid phase in equilibrium with its 
saturated solution a constant? Interpret your answer. 

2. State the Solubility Product Principle. 

3. Why does the Solubility Product Principle hold only at a fixed 
temperature? 

4. Derive a mathematical expression for the solubility product. 

5. What are the limitations of the Solubility Product Principle? 
Does this affect its usefulness in a qualitative way? 

6. Explain how the solubility product is used as a criterion of 
precipitation. 
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Zip 


Given the following solubilities in grams per liter at room 
temperature, calculate the solubility products. 




















Substance Solubility Sol. product * 
Ans. — 

NOC Ac canis tenn Meee: Les ae eat Oi 1:2 X 107” 
ARES O Ving 3 o.dheanlogn tnd 2c 8.0 AWS <r 
Ba@rO ieee cocker cate 3.8% 10 2.3 10-” 
OOH Oyama eeu Senne 80 X-1028 3.8 < 10 
Galt’ cus SoS airti sens tes Lox a4 10 
Hos Olsen ree eee 8% 10 2.0 X 10-* 
NIGANWEI AMO. 5 dion o8 6 aaa 6 $.6% 14 28) X 10°" 
Pb3(PO.)2 en 4 Merete ay recat 1: Sg 10-4 Lb 10-2 
STSOUS Seah eee ileal Sie 3.6 x 10-7 
ZA eee ay Sel ren Ae eg or alae A Be Wd 1 





8. Assuming that a solution at the beginning of the analysis for 
the Fe group of metals has 0.05 m/l of (NH4)2S which is 
53 per cent dissociated, calculate the amount of ZnCle left 
after the ZnS is filtered and the solution evaporated to dryness. 
The K,, of ZnS is 1.2 X 107%, 

Ans. 6.2 10™ g: InCn. 

9. The solubility of BaCrO, at 20° C. is 0.0037 g. per liter. If, 
in a total volume of 100 c.c., there is present 0.5 ¢.c. of 
0.2N KeCrO4, which is 80 per cent ionized, what will be the 
concentration of barium left in solution after precipitation? 
Assume that the BaCrO, is completely ionized. 

Ans. 5.4 X 1077 m/l. 
10. What is meant by the common-ion effect? Give two illustra- 
tions taken from your procedure and discuss their application. 


* The student should not be confused by the fact that these values 
do not agree in some cases with those on p. 107. They are taken at 
different temperatures. 
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The Big Two. — Up to this time, we have been preparing 
and gathering the tools which we will use in making our 
explanations of analytical phenomena. We have seen the 
reasons for the belief in the ionization theory. We have 
learned the principles and some applications of equilibrium, 
particularly ionic equilibrium. We have studied the princi- 
ple of the solubility product and its application. We thus 
have the means at hand to offer a reasonable explanation 
for any of the phenomena of precipitation and solution 
which occur in ordinary analytical work, with a few excep- 
tions which will be considered separately. 

It was noted that all ionic equilibria are reversible, but 
our interest does not lie so much in the reversibility of a 
reaction as it does in the means of causing the equilibrium 
to go to completion in one direction or the other. We have 
noted that pressure, temperature, and concentration in gen- 
eral are the factors used to shift equilibria toward completion. 
Only the last is consistently applied in analytical work. 
The ways in which changes in concentration affect ionic 
equilibria will be considered in detail after some thought 
has been given to the things to be looked for in general, 
when offering a theoretical explanation. 

One of the outstanding and most frequently used methods 
of producing a change in concentration of ions is the forma- 
tion of a weak electrolyte. As previously stated, a weak 
electrolyte is one whose molecules show only a small ten- 
dency toward dissociation. Take the case of acetic acid, for 
example. In a normal solution of the latter, of the whole 
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amount present, only 1 per cent approximately is in the 
ionic form. The acetic acid molecules do not tend to dis- 
sociate, and the H+ and C,H;O.~ ions do tend to combine. 

It is obvious that acetic acid itself need not be added to 
a solution in order that it be present. If we mix compounds 
that offer greater concentrations of the H+ and C:H3;02:- 
ions than correspond to the ionization concentrations of 
acetic acid, the latter will be formed by association of the 
excess ions. Thus, if hydrochloric acid and sodium acetate, 
both well dissociated, are put into the same vessel, the 
concentrations of the Ht and C.H;0.- ions are much greater 
than would satisfy the equation 

[H+] X [C,H;027] 
[HC,H305] 

The result is that something must happen to reduce the 
concentrations to such values as will satisfy the constant 
for acetic acid. What happens is combination of the Ht 
and C.H;0.- ions, which decreases [H*] and [C.H;0,-] and 
increases [HC,H30,]. This is all in the direction of satisfying 
the constant. The net result is that a considerable quantity 
of molecular acetic acid has been formed and the concen- 
trations of the hydrogen and acetate ions have been con- 
siderably reduced. 

These circumstances are clearly not confined to acetic 
acid, but apply to every case of a weakly ionized substance. 
We may summarize, then: If the ions of a weakly ionized 
substance are present in a solution in greater concentra- 
tions than correspond to the ionization of the substance, 
molecules of it will be formed from the ions and the ion 
concentrations consequently reduced. A corollary to this 
fact becomes apparent: If there are two weak electrolytes 
present, the less weakly ionized will be formed at the ex- 
pense of the other. 

The formation of a weakly ionized substance offers a ready 
means of causing an equilibrium to go to completion in a 
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given direction, and will be one of the first’ things we shall 
seek in making an explanation. Ina great majority of the 
cases, the nub of the explanation lies in the formation of a 
weakly ionized compound. We were taught, when children, 
that we must seek the weak link to find where the chain gave 
way. So now, in trying to make subsequent explanations 
of various phenomena which occur in analytical chemistry, 
we shall always look for the weak compound. The impor- 


tance of this idea will be evident in the explanations made 
later in this work. 

The other of the two big things to look out for is the 
solubility product principle. Many of the explanations in- 
volve the formation or solution of a precipitate, and thus 
the solubility product idea. In any case that concerns itself 
with such action, we must first look for a weakly ionized 
substance. Finding one or not, we should then apply the 
solubility product principle, if a precipitate is involved. 
There are few explanations which are not amenable to this 
simple method of procedure. It should, therefore, be the 
student’s first thought, after acquiring a thorough working 
knowledge of these two principles, to attempt the applica- 
tion of one or both of them in starting an explanation: 


1. Look for the weak compound. 
2. Apply the solubility product principle. 


Types of Equilibrium Shift. — Having given some thought 
to what we must be on the lookout for, it will be our pur- 
pose now to consider the different specific types of phe- 
nomena which bring about the disturbance of an equilibrium. 

In general, any of these cases may be looked upon as an 
application of Le Chatelier’s principle. The use of this 
principle as such in ionic equilibria is not always as obvious 
as might be desirable, because of the number of factors in- 
volved. We can, however, state the principle in a form 
which is particularly applicable to cases of ionic double 
decompositions, as follows: Ionic double decompositions 
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shift in the direction toward which there is a decrease in 
ion concentration. 
The various methods by which the concentrations of the 
ions can be decreased may be summarized as follows: 
1. Formation of an insoluble compound. 
2. The addition of a common ion. 
3. Formation of a slightly ionized compound. 
a. By displacement from its salts by a stronger acid. 
b. By neutralization. 
(1) Amphoteric compounds. 
c. By hydrolysis. 
4. The formation of a complex ion. 
5. The discharge or change of charge on an ion (oxidation 
and reduction). 
Each of these cases, of which, as has already been indi- 
cated, the first two are by far the most important, will now 
be considered in detail. 


1. Equilibrium Shift by Formation of an Insoluble Sub- 
stance. — If we combine two electrolytes, AB and CD, 
which react to form two others, AD and BC, according to 
the equation 

AB + CD— AD + BC, 
a condition of equilibrium is instantly established. If all 
four are soluble substances, there will be definite amounts 
of each present after the establishment of equilibrium. AB 
and CD dissociate; the various ions collide, and as a result 
of some of these collisions, AD and BC are formed. AD 
and BC dissociate in turn, and the reverse reaction results 
from the collisions of the ions. This was the case for the 
reaction between ammonium thiocyanate and ferric chloride, 
previously considered. If, however, one of the substances 
is a so-called insoluble one, 1.e., if it is sufficiently insoluble 
to form a precipitate, an entirely different state of affairs 
obtains. Suppose that, in the general case above, AD is an 
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insoluble substance and precipitates. All the particles of it 
which are in precipitate form are molecules and no longer 
ionic. The reaction in either direction, we remember, is due 
to ionic collisions. For this purpose the molecules of the 
precipitate are useless. They may as well be outside the 
containing vessel. The result is obvious. An enormous 
number of A ions and D ions have been removed from the 
field of action. The chances for the collision of A ions with 
B ions to form AB, and of C ions with D ions to form CD, 
have been greatly reduced owing to the reduction of A ions 
and D ions. The reverse reaction, therefore, has been greatly 
retarded; not so for the forward action (at least, momen- 
tarily). The collisions to form AD and BC continue, and 
more insoluble AD forms. This progresses until (for all 
practical purposes) the reaction has gone to completion in 
the direction of the formation of AD. 

Actually, the reaction does not go to completion. The 
reason for this is that while we speak of ‘insoluble sub- 
stances,” there are none such. No matter how insoluble the 
compound may be, we believe it to have some solubility. 
Since there is some dissolved, it will form ions. Incidentally 
the tonization may be considered to be 100 per cent, since, 
owing to the insolubility of the compound, the solution is 
very dilute. These ions, A and D in the case considered, 
collide with the others, B and C, and as a result the reverse 
reaction takes place to some extent. To all intents and 
purposes, this is negligible. We say, therefore, that the 
reaction ‘goes to completion.” 

Let us look at this type of reaction from another point of 
view. The solubility product of the compound AD may be 
represented by the following expression: 


[A*] X [D7] = Ks. 


Consider that the dissociation occurs during a finite period 
of time, though we cannot measure it. AB then furnishes 
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A ions and B ions, and CD furnishes C ions and D ions. 
At first the concentrations of the A+ ions and D7 ions will 
be less than K,, (at room temperature) for AD. As the 
concentrations increase, the constant is exceeded, and AD 
precipitates to reach the value of the constant again. While 
this happens, more A ions and D ions are being formed, 
and more AD precipitates. The process continues until the 
value for K,, is satisfied, and not enough A ions and D ions 
are being supplied to exceed it. If AD is a nearly insoluble 
substance, this will occur only when the reaction has essen- 
tially gone to completion. 

It is of interest to note that this is one class of explanation 
which does not necessitate the formation of a weakly ionized 
compound. We do, however, apply the Solubility Product 
Principle. 


2. Equilibrium Shift by the Formation of a Weakly Ion- 
ized Compound. —a. By Displacement from Its Salts by a 
Stronger Acid. —'The previous case dealt with the forma- 
tion of a precipitate. The one now to be considered deals 
with the opposite case of the dissolving of a precipitate. 
These two are the most commonly occurring phenomena in 
qualitative analysis. 

Consider a solid substance AB in equilibrium with its 
saturated solution. We have then two equilibria: the one, 
between the solid and the dissolved molecules; the other, be- 
tween the dissolved molecules and the ions which they form. 
This may be represented: 


(solid) (1) (dissolved) (2) (ionic) 
AB = AB = At aR 


Let us call the solid @ molecular equilibrium 1 and the mo- 
lecular ionic equilibrium 2. 
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Suppose that to AB a strongly ionized acid HX is added | 
as shown above. Let the acid HB be a weakly ionized one. 
Here we have the weak compound, the key to our explana- 
tion. Since HB is a weakly ionized compound, the H ions 
and B ions will not have any great tendency to dissociate 
once they have met. They remain largely in the molecular 
form. Since B has left the ionic form in large part, the 
opportunities for B ions to strike A ions have been greatly 
reduced, and the formation of AB molecules greatly retarded. 
On the other hand, the AB molecules need not collide with 
anything in order to dissociate. They continue to form ions 
as rapidly as before. The motion (equilibrium 2) in the direc- 
tion (— ) is as rapid as before. The opposite motion ( <— ) 
has been retarded. The result is, obviously, that the amount 
of molecular AB has been considerably reduced. What does 
this mean with respect to equilibrium 1? Since the molecu- 
lar AB has been reduced, the motion (<) in equilibrium 1 
must be retarded. Solid AB has as yet not been affected, 
and the motion (—) in equilibrium 1 continues as before. 
Since the motion (—>) is therefore more rapid than the mo- 
tion (<), there is a resulting decrease in the solid AB. In 
other words, the solid dissolves. If sufficient HX is added, 
all of the AB solid may thus be dissolved. 

The above explanation views the case without the appli- 
cation of the Solubility Product Principle. The latter may 
be applied as follows. In the saturated solution the relation 


[At] < [B-] = K,, (at a given temperature) 


holds. When HX is added and HB (the weak compound) 
forms, [B~] falls below the value necessary to satisfy the 
constant K,, (the S.P. Principle). This means that the 
solution becomes momentarily unsaturated. More AB dis- 
sociates to saturate the solution again, but the B~ ions are 
removed as fast as they are formed, keeping the solution 
undersaturated. Since the solution is continually being made 
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undersaturated, there will be a shift in both equilibria in 
the direction (—), until all the solid AB is dissolved, pro- 
vided enough HX is added. 


Equilibrium Shift by the Formation of a Weakly Ionized 
Compound. — b. Amphoteric Hydroxides. — When we speak 
of acids, we generally do not consider the OH ion as associ- 
ated with them. Similarly for bases, we do not think of the 
H+ as being present. Actually the OH™ ion is present in all 
acids and the H* in all bases. The fact that a substance is 
acid simply means that the H* ions so far outnumber the 
OH- ions that the solution as a whole exhibits acid prop- 
erties. The mere fact that water is present, as it must be 
in any acid or base, is assurance that both H+ and OH- 
ions are present. Though only to a very small extent, water 
is dissociated. The equilibrium equation for water alone is: 


abd Gis ee 
Hones ae 


where both [H*] and [OH-] = 1 X 10-7. Since [HOH] is 
practically constant, we may say [H+] X [OH-] = K,, the 
constant K, = 1 X 10-4. Obviously, when a strong acid is 
present, [H+] is very large. To keep the value of K, at 
1 X 10-“, [OH] consequently is negligibly small. The same 
type of reasoning applies to bases. As the [H+] decreases 
(in other words, as the acid grows weaker), the [OH-] be- 
comes larger and larger, until a point is reached where 
[OH-] is equal to [H+]. As we pass beyond this point, 
[H+] decreases as [OH~] increases, and we are on the basic 
side of neutrality, the basic tendencies becoming increasingly 
strong. These ideas may be summarized in a diagram, as 
follows: 





[H’] increases (H+) = [0H] (OH’] increases 
[H']<[or]}-Ky  [H']xfor]-Ky PRET [we] xfou]-Kw  («]x[OH]-Ke 
Strong acid Moderately (H,0) y Moderately Strong base 
strong acid 3 strong base 
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It might be said, on first thought, that as we approach 
the region of the dissociation of water, the concentration of 
H* and OH~ ions is negligible. In many cases this is so, 
but in many others the small ionization of water plays a 
very important role in the phenomena which occur, as will 
be seen under hydrolysis. 

From what has gone before, it is clear that, as the Ht 
ion-forming tendencies decrease, the OH~ ion-forming ten- 
dencies increase, and vice versa. It is not surprising, then, to 
find many compounds which, like water, show both tendencies 
distinctly. They are the so-called amphoteric hydroxides, 
though the name hydroxides is misleading. They are acids 
as well. 

The name generally indicates whether the OH- tendency 
predominates. Thus we have alwminium hydroxide (rather 
_than aluminic acid), in which the basic tendencies predom- 
inate. On the other hand, we have arsenious acid (rather 
than arsenious hydroxide). The important fact is, however, 
that amphoteric hydroxides show both tendencies — hence 
their duplex properties. The very name amphoteric comes 
from the Greek amphoteros, which means ‘‘ both.” 


TABLE X 
Groups 


Series 


N 
2 
3 
+ 
5 
6 
rs 
8 
9 
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A brief examination of the abbreviated periodic table shown 
on page 123 will not only help us to understand the occur- 
rence of amphoteric compounds, but will also give us a more 
definite basis on which to remember those that are ampho- 
teric. Groups 0 and 8 are omitted because they do not 
particularly enter into our consideration of amphoteric 
compounds. Only the common elements are included. 

Structurally, all oxygen acids and bases are alike. All 
may be written in the form of hydroxides. It is merely a 
question of whether the H or the OH group is dissociated. 
Thus calcium hydroxide is written: 


O-H 
Cat 
O-H 


the OH’s being dissociated; and sulphuric acid is written: 


O oH 
0% \o-H 


the H’s being dissociated. 

In considering Table X, let us then confine ourselves to 
the “OH” type of compound and take series 2 as most 
representative, for it will be remembered that the first series 
contains the elements which show exceptional properties. 

Consider then the ‘‘hydroxides”’ of sodium, magnesium, 
aluminium, silicon, phosphorus, sulphur, and chlorine. 
Sodium and magnesium hydroxides are strong bases. Sul- 
phuric and perchloric acids are strong acids. In other 
words, on the left we have strong OH~ forming tendencies, 
and on the right, strong H+ tendencies. Phosphoric and 
silicic acids are weak acids, silicic being very slightly am- 
photeric. Aluminium hydroxide is distinctly amphoteric. 
The change from acidity to alkalinity is gradual, and ap- 
proximately in the center we have those compounds which 
show both basic and acidic tendencies, the amphoteric hy- 
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droxides. In any series of the periodic table, going from 
left to right, we have an arrangement similar to a previous 
diagram: 


Basicity Amphoteric Acidity 
Sais bias 
ey ar SE eee eae 
OH- H+ and OH- Ht 
predominant predominant 


Let us now consider what happens as we pass down through 
a group or family of related elements, such as Group V in 
the periodic system, consisting of nitrogen, phosphorus, ar- 
senic, antimony, and bismuth. The hydroxides of nitrogen 
and phosphorus are decidedly acid in character; the lower 
valence of arsenic is amphoteric on the acid side; the lower 
valence of the hydroxide of antimony is also amphoteric; 
and the hydroxide of bismuth is basic. Obviously, then, as 
we pass down a group, the basicity increases as the atomic 
weight becomes larger, the amphoteric elements again being 
approximately midway. 

We have then two tendencies in the system: 


1. Increasing acidity from left to right, 
2. Increasing basicity from top tc bottom. 


The net result of these two tendencies is to throw the am- 
photeric elements near the center of the table, so that the 
elements near a diagonal drawn from beryllium in Group II 
to antimony in Group V are the ones whose acidic and basic 
tendencies are most marked. The common amphoteric 
elements are zinc, aluminium, divalent tin and lead, trivalent 
chromium, arsenic, and antimony. Since many of the ele- 
ments in this section of the periodic table are not common 
in occurrence, the full extent of the amphoteric character 
among the elements is not generally appreciated. 

It is to be noted that, in speaking of the amphoteric char- 
acter of elements showing more than one valence, a definite 
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valence was specified, generally the lower. When an element 
is capable of forming more than one hydroxide, the hydrox- 
ides vary in basicity. The hydroxides of the higher valences 
generally are the more acidic, those of the lower valences 
more basic. Again, where there are more than two valences, 
the lowest will be basic in character, the highest will be 
acidic, and the intermediate will tend toward being ampho- 
teric. Chromic acid, representing hexavalent chromium, is 
strongly acid; divalent chromium hydroxide is exclusively 
basic; and chromic hydroxide is amphoteric. 

The tetrahydroxides of tin and lead are both acidic, 
whereas their dihydroxides, while both show an acid charac- 
ter, are more basic than acidic. The higher acids of both 
arsenic and antimony are both decidedly acid, whereas their 
trivalent hydroxides are both amphoteric. 

In general, we may say that a multivalent element in its 
low valences tends to be like the elements on the left-hand 
(low-valence) side of the periodic table, and that in its higher 
valences it resembles the acidic elements on the right-hand 
(high-valence) side of the table. 

Summarizing the criteria for amphoteric character, we 
have then three facts to ascertain in reaching a conclusion: 


1. Position in series across periodic table 
2. Position in group down periodic table 
3. Valence of the element (if more than one valence). 


Having seen something of the reasons for expecting the ex- 
istence of amphoteric hydroxides, let us now consider the ways 
in which these hydroxides show their amphoteric character. 

If a substance can act both like a base and like an acid, it 
should be capable of neutralization in two ways — either by 
another acid or by another base. This is the most out- 
standing property of amphoteric hydroxides. 

Let us consider the case of a metal which can form an 
amphoteric hydroxide M(OH):. Since this compound acts 


[ 126 J 


EQUILIBRIUM AND IONIC CONCENTRATIONS 


also as an acid, it may be written H.MO,. All metallic 
hydroxides are insoluble except the alkalies and the hydrox- 
ides of calcium and barium, so for an amphoteric hydroxide 
which has been precipitated from a solution, the following 
equilibria are set up: 
(solid) 
M(OH).2 


(acid ionization) Tl (1) 
(3) (dissolved) (2) (basic ionization) 


(A) 2H+ -+- MOr = M(OH), = Mt + 20H, 
20H-| + 2Na+ @ 2Na0H 
1 
H,0 
(solid) 
M(OH), 
il (1) (basic ionization) 


(3) (dissolved) (2) 


(B) 2H++MOz = M(OH), @ M+ 4 | 20H- 
2HCl = 2Cl + | 2H+ 


Case A shows the circumstances when a strong base is 
added. The solid substance M(OH), is in equilibrium with 
the dissolved molecules (Eq. 1) which are in turn in equi- 
librium with two sets of ions, constituting the basic ioniza- 
tion (Eq. 2) and the acid ionization (Kq. 3). As the strong 
base is added, the hydrogen ions of the M(OH). unite with 
the hydroxyl ions of the base (which are being supplied in 
large quantity) to form the weak compound water. With 
the removal of the hydrogen ion from M(OH)s, the solution 
becomes undersaturated with respect to the M(OH). (the 
S. P. Principle). As a result, more M(OH), ionizes, in turn 
causing equilibria 1 and 2 to shift in the directions indicated 
by the heavier arrows, as explained in similar cases before. 
Addition of sufficient NaOH will cause complete solution of 
the hydroxide. 


[127] 


ELEMENTARY THEORY OF QUALITATIVE ANALYSIS 


This may be looked at from another point of view. Since 
M(OH), supplies H+ and OH~ ions, the expression 


[H+] <x [OH-] = K, 
must be satisfied, as well as the expression 
[Ht]? X [MO2"] = Kap, 


where [H+] is the same in both cases. 

If a strong base is added, [OH-] becomes very large. To 
satisfy K,, [H+] must therefore become vanishingly small. 
This means that 

Le Bate x [MO2-] x Kop, 


and the solution is undersaturated. To return to the normal 
state of saturation, M(OH). dissolves. The extent of this 
action depends on the [OH~] from the base. 

The case outlined in B is explained in exactly the same 
fashion, except that here, instead of the Ht ions of M(OH), 
being involved, the OH~ ions form the weak compound.* 

It is important for the student to remember that an 
amphoteric hydroxide always dissociates both as an acid and 
as a base, because it is a common misconception that such 
a compound ionizes only as a base in the presence of an 
acid and only as an acid in the presence of a base. 


Equilibrium Shift by the Formation of a Weakly Ionized 
Compound. — c. Hydrolysis. — Neutralization of acids by 
bases was explained by saying that weakly ionized water 
was formed, causing a shift in the equilibrium toward the 
formation of the salt and water. So for the case of sodium 
hydroxide and hydrochloric acid: 


Nat + OH- + H+ + Cl-— Nat + Cl + HO. 


*The question of self-neutralization of amphoteric hydroxides has 
been dispensed with as unnecessary in elementary work. An excellent 
treatment of this question is to be found on page 187 of Stieglitz’s 
Qualitative Analysis (1919), Vol. I. 
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It will be noted that all the compounds involved, except 
water, are highly ionized. Since there are free sodium ions 
from the ionization of NaCl, and free hydroxyl ions from 
the small ionization of water, these ions will come into con- 
tact and form sodium hydroxide. The latter ionizes highly, 
and therefore only a very minute quantity of molecular 
NaOH will be formed. The same is true for the hydrochloric 
acid. In other words, the action in the reverse direction 
(<) is negligible. Since the sodium hydroxide and hydro- 
chloric acid are about equally ionized, the H+ and OH- 
ions supplied by the water will be used up about equally to 
form what traces of hydroxide and hydrochloric acid are 
present. There would, therefore, be no excess of Ht or 
OH-, and the solution pou be neutral. 


Hydrolysis of a Salt of a Weak Base and a Strong Acid. — 
Let us now consider the case in which a weak base is neu- 
tralized by a strong acid: 


MOH + Ht + X-s M+ + X- + HO, 


where MOH is a weak base. 

The same explanation might be applied as in the case of 
the strong acid and strong base — weakly ionized water is 
formed and there is a shift in the equilibrium toward the 
formation of water — but this does not complete the story. 
Whereas, considering the reverse reaction, the H+ ions of 
the water will form little un-ionized acid with the X~ ions 
of the highly ionized salt (since the acid is highly ionized), 
the same is not true for the base. The M* ions from the 
highly ionized salt meet the OH™- ions from the water, but 
they do not redissociate to any great extent because the 
base is weakly ionized and tends to remain in the molecular 
state. This uses up the OH™- ions of the water, but lets the 
H* ions go free. The OH ions are used until the ionization 
constant for the base is satisfied. The weaker the base, the 
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more OH~ will be used. To supply these OH~ ions, water 
has dissociated further, thus increasing the supply of free 
H+ ions in the solution. When equilibrium is established, 
there is a considerable excess of H* ions and the solution 
reacts acid. The reverse action here is not negligible. It 
is called hydrolysis. It is a double decomposition in which 
water is one of the reacting substances, and is the reverse of 
neutralization. 

We may say further that the salt of a strong acid and a 
weak base is hydrolyzed by water to give an acid reaction. 
The fact that the hydrolysis was considered as the reverse 
of neutralization does not affect the case in any way. The 
statement of the equation might have been written: 


HOH -- MM" -- xX = MOH = Eb ax, 


but the reasoning would have been the same. 


Hydrolysis of a Salt of a Strong Base and a Weak Acid. — 
For the sake of clarity, let us consider this case from the 
reverse point of view. Assume that a quantity of a salt 
MA is dissolved in water. Let the acid HA from this salt 
be a weak acid and the base MOH a strong base. The reac- 
tion may be represented as follows: 


M+ + A- + HOH = Mt + OH- + HtA-. 


The small number of OH~ ions from the water in their 
migrations meet the M+ ions of the highly dissociated salt. 
They tend to form smali amounts of molecular MOH, but, 
this being a strong base, the M+ and OH- ions are practi- 
cally completely returned. 

Similarly the great number of Aq ions from the salt meet 
the few H* ions from water and form the acid HA. This 
is a weak acid, however, and the H+ and A- ions are not 
returned to the solution. This means that more water must 
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dissociate to replace the H+ ions used up in the acid, so 
that the equilibrium 


HOH = Ht + OH- 


remains satisfied. Since there were a great many A@ ions 
from the high dissociation of the salt, H+ ions will continue 
to be used until the equilibrium 


HA = Ht -+ A- 


is satisfied. When this is accomplished, there is a large 
excess of OH~ ions from the water. The result is that the 
solution reacts alkaline. 

We may say, then, that a salt of a strong base and a 
weak acid is hydrolyzed by water to give an alkaline reaction. 

Both of the above cases were considered from a general 
point of view. Let us now consider a specific case in a 
slightly different way to help clear up any doubts. It makes 
no difference whether the case under consideration is a salt 
of a strong base and a weak acid or vice versa. The reasoning 
is the same. Consider the neutralization of acetic acid by 
sodium hydroxide, or the hydrolysis of sodium acetate, 
which is the same thing. The equation is 


HC.H30, + Nat + OH = Nat a @H.Oss + EO: 


Acetic acid is a weak acid, about 1 per cent ionized in 
tenth normal solution. Sodium hydroxide is about 85 per 
cent ionized at the same concentration, and sodium acetate 
is ionized 80 per cent. Water, of course, is extremely little 
ionized. 

As the reaction toward the right proceeds, the hydroxide 
ion concentration is greatly decreased from the concentra- 
tion furnished by NaOH to that furnished by water, which 
is almost zero. The concentration of the hydrogen ion is 
also decreased from that of acetic acid to that of water, 
though this is not so great a decrease, since acetic acid is 
weak in itself. Considering the reverse reaction, the hydroly- 
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sis, there is a decrease in the acetate ion from that furnished 
by highly ionized sodium acetate to that of the weakly ionized 
acetic acid, though this decrease is very much smaller than the 
decrease of hydroxide ion toward the right. Since sodium 
hydroxide is highly ionized, there is practically no tendency 
toward formation of it. 

Summarizing, we have toward the right a large fall in 
hydroxide ion concentration and a very moderate fall in 
hydrogen ion concentration. Toward the left we have only 
a fall, though considerable, in the acetate ion concentration. 
The net result is that the major tendency is toward the 
right, but not completely so. The reverse reaction does 
take place to a small extent, and since the acetic acid is 
weak and the sodium hydroxide strong, there will be more 
hydroxide than hydrogen ions and the solution will be basic. 


Hydrolysis of a Salt of a Weak Base and a Weak Acid. — 
Finally, let us consider a salt which is formed from a weak 
base and a weak acid, say ammonium cyanide, NH,sCN: 


NH, + CN- + HOH @ NH.OH + HCN. 


The ammonium cyanide is a salt and highly ionized. 
Ammonium hydroxide is a base of about 1 per cent ioniza- 
tion, while water and hydrocyanic acid are extremely weak. 
The consequence is that, as the reaction proceeds toward 
the right, there will be a large fall in the ammonium ions 
from the ionization of NH,CN to that of NH,OH. There 
will be a much larger fall in the concentration of the cyanide 
ion, due to the extreme weakness of HCN. Considering 
the reverse reaction, there will be a small fall in hydroxyl 
and hydrogen ion concentration toward the formation of 
water. Since both NH,OH and HCN are weak, this de- 
crease will be almost negligible as compared to the other 
two. The results are that the reaction goes almost to com- 
pletion toward the right. 
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A salt of a weak acid and a weak base, then, is extensively 
hydrolyzed by water. 


Equilibrium Shift by Formation of a Complex Ion. — 
a. Complex Ions with Ammonia. — We shall now consider a 
class of compounds which are of considerable importance in 
analytical work, both from the point of view of identifying 
elements as such, and of separating them from others. 

If ammonium hydroxide is added to a solution of a copper 
salt, there is formed at first a blue precipitate of copper 
hydroxide. On further addition of ammonium hydroxide, 
however, the precipitate is dissolved and a deep-blue solu- 
tion results. Obviously, the further addition of ammonium 
hydroxide causes an increase in OH~ concentration. It 
would therefore seem at first thought that instead of the 
Cu(OH), dissolving, moreof it would be precipitated. 

On the basis of what we have just learned about ampho- 
teric hydroxide, it might be thought that Cu(OH), is a 
hydroxide of this type, and therefore capable of dissolving 
in excess ammonium hydroxide, as represented in the 


following: 
Cu (OH). 


Cu 20H2Cu(OH),s| 2it | Cuds 

= + 
2NH.,0H @| 20H | + 2NH4. 
i 
HO 
Were this the truth, sodium hydroxide would dissolve the 
Cu(OH),: even more readily than NHi,OH. Actually it does 
nothing of the kind. Instead, NaOH precipitates Cu(OH). 
completely. 

We must, therefore, seek in another direction for the expla- 
nation of this peculiar phenomenon. The color-change from 
the light greenish blue of the Cu+* ion is an indication that 
a new compound is formed, probably containing a new ion. 
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In neutral or slightly acid solutions, ferrocyanides give a 
quite insoluble precipitate with the cupric ion. In the 
ammonia solution of a cupric salt considered above, no 
precipitate of cupric ferrocyanide is obtained. Obviously, 
there has been a very decided change in the concentration 
of the copper ion, for copper ferrocyanide is quite insoluble 
and gives a precipitate even with traces of copper. 

Investigation has shown that a complex of copper ion and 
ammonia molecules of the composition Cu(NH3)*7 is formed. 
This ion is deep blue in color and dissociated into Cut* 
and 4NHs3, but only to a very small extent, so small in fact, 
that, as stated above, copper ferrocyanide cannot be pre- 
cipitated under ordinary conditions. 

On the other hand, copper sulphide, which is ever so much 
more insoluble than the ferrocyanide, can be precipitated. 
This indicates that the complex Cu(NH;){* is dissociated. 
The equation for its dissociation would be as follows: 


Sinis 
Cu(NH:2)4 =. Cun a 4NHs3, 


and the mass-action equation: 


(1) [Cu**]  [NHs3]4 Ee 
[Cu(NHs) *"] : 

We are now in a position to explain the phenomenon of 
precipitating copper hydroxide with ammonia and its re- 
dissolving. Copper hydroxide is quite insoluble, and with 
the original concentration of Cu*+ and OH~ ions from the 
cupric salt and ammonium hydroxide respectively, Cu(OH). 
is precipitated. It can be seen, though, from equation 1 
above, that, as the concentration of NH; increases, the con- 
centration of Cut ion decreases as the fourth power. Since 
concentrated ammonia is only about 1 per cent ammonium 
hydroxide and 35 per cent dissolved ammonia gas, the con- 
centration of NH; mounts pretty rapidly as ammonium 
hydroxide is added. This means a very rapid decrease in 
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Cu** ion. As a consequence, the solution soon becomes 
undersaturated with respect to Cu(OH)s, (the S. P. Princi- 
ple), and it begins to dissolve, since: 

[Gas] x [OH Pi=eK,, 


for copper hydroxide must be satisfied. If the addition of 
ammonium hydroxide continues, all the Cu(OH),. will be 
dissolved and the blue color remains. 

If an acid, say H2SOx,, is added to this deep-blue solution 
until the solution is acid, the blue color disappears and the 
normal bluish green of the copper ion is restored. This can 
be explained as follows: The dissociation of the copper- 
ammonia complex is: 


Cu(NHs)4 ea Cut+ + ANH, 


2H2SO, = 2807 + | 4H* 


I 
4NHy*. 


The sulphuric acid, dissociating into hydrogen and sul- 
phate ions as shown, offers the opportunity for the combina- 
tion of the ammonia molecule and the hydrogen ion to form 
the ammonium ion. This equilibrium is practically 100 per 
cent in the direction of the ammonium ion, so that the 
ammonia molecules are completely removed from the solu- 
tion if enough hydrogen ion is added. This means that 
Cu(NHs3)*j* will dissociate further to replace the lost NHs, 
and in so doing will return Cutt ions to the solution. In 
this way, if enough acid is added, all the Cut ions originally 
present will be returned, the Cu(NH3;)*%* complex will be 
destroyed, and the deep-blue color lost. 

Beside copper, four other elements, silver, zinc, nickel, 
and cadmium, among the common metals as they occur in 
qualitative work, all form ammonia complexes of the same 
type. The number of ammonia molecules associated with 
the complex is always twice the valence of the metal, but 
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the valence of the whole complex is always the same as that 
of the metal. Thus we have: 

Cu(NHs3) 4t+ 

Cd(NHs3) g++ 

Ag(NHs3)e* 

Zn(NHs3)4++ 

Ni(NHs) 4, ete. 

All of these complexes are very weakly dissociated and 
consequently offer analytical advantages in detecting these 
metals. Thus, silver chloride may be dissolved away from 
lead and mercurous chlorides by ammonium hydroxide. The 
explanation of its solution is the same as that for copper 
hydroxide. The silver chloride may then be reprecipitated 
by means of nitric acid. 

Another example is afforded in aluminium and zinc hy- 
droxides, both of which are insoluble. The addition of am- 
monium hydroxide to a solution of aluminium and zine ions 
precipitates aluminium hydroxide, which does not form a 
complex, but keeps the zinc in solution (since Zn(NHs3)4(OH)» 
is not insoluble), and thus affects a separation. 


AlCl = | AP** | +3Chr- 
3NH,OH = | 30H” | + 3NH¢ 


ant 3H.0 ,,J 
a 0h Al(OH)s Gissolved) 


alcoen, (solid) 
2NH.Cl 
ZnCl, + 2NH,OH — Zn (OH), 2 | Zn+ |+ 20H- 
4NH,0OH = | 4NH; |+ 4H.O 


Lites tT 
NH, OH Zn(NH3)i+ 
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Equilibrium Shift by Formation of a Complex Ion. — 
b. Complex Ions with Sulphur. — Another very important 
class of complex ions are those formed by certain sulphides 
with the sulphide ion. Arsenic in both its valences, antimony 
in both its valences, tin in its higher valence, and bivalent 
mercury all have the ability to form complex sulphur 
anions. 

Arsenic, antimony, and tin sulphides dissolve in both 
ammonium sulphide and ammonium polysulphide, as well as 
in sodium monosulphides and polysulphides, as a result of 
the formation of these complexes. Mercurie sulphide dis- 
solves only in the sulphides of sodium. 

As in the case of the complex ammonia ions, the complex 
sulphur ions are composed of a molecule and an ion, and are 
very weakly dissociated. Thus, for the solution of arsenious 
sulphide by either ammonium or sodium sulphide, the fol- 
lowing equilibria are written: 


(dissolved) 
(solid) 
AsoS3 @ | AsoS3 | = 2Ast++ + 38= 


3(NH,)2S = toe + 6NH,+. 


| tes 
2As83 


The arsenious sulphide, though very insoluble, dissolves 
to a small extent and is ionized into trivalent Ast*+ and 8= 
ions. The ammonium or sodium sulphide is ionized into the 
metallic ion and sulphur ion. The latter combines with the 
molecular As:S3 to form the very weakly ionized complex 
AsS3, thus undersaturating the solution with respect to 
As»S3. More of this dissolves to saturate the solution, but 
is immediately taken up by the sulphur ions. If enough 
ammonium or sodium sulphide is added, all the As.S; can be 
dissolved. 

The arsenious sulphide may be reprecipitated by the addi- 
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tion of hydrochloric acid. The explanation is as follows: 
From the equilibrium equation, 


AsoS3 + 30 — 2As83, 
we may write 


[As.Ss] x Sale = 
(1) [Asse ae 


From equation 1 it is clear that the greater the concen- 
tration of the S= ion, the greater will have to be the concen- 
tration of AsS; to keep K constant. As acid is added 
and the H* ion is increased, the S= is rapidly decreased, as 
is evident from the equation for hydrogen sulphide: 


(2) TELS] 


From equation 1 it can be seen that, as [S-] decreases, 
[As:S3] must increase and [AsS3] decrease to keep K con- 
stant. When this change becomes sufficiently great to satu- 
rate the solution with AseS3, the latter begins to precipitate 
and will be completely precipitated if enough acid is added. 

The complex ions * of the other valence of arsenic, and of 
antimony, tin, and mercury, are of the same character and 
formed in the same way (remembering that HgS is soluble 
only in sulphides of sodium). The equilibria may be written 
as follows: 


* The student frequently has difficulty in remembering the formulas 
of the complex salts of arsenic, antimony, and tin. If for the former 
two he remembers that they are just below phosphorus in the same 
group in the periodic table, and form analogous compounds, he will 
have no trouble. He knows that phosphoric acid is H3PQ,; substi- 
tuting As or Sb for P, he has H3AsO4 or H3SbO,; again, substituting 
divalent § for divalent O, and monovalent NH, or Na for monovalent 
H, gives NasAsSy or (NH,4)3SbS84 as the case may be. 

For tin, he need but remember that it is in the fourth group with 
carbon and forms an acid, H2SnQO3, analogous to H2CO3. The substi- 
tutions are made as above. 
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(1) 


(2) 


(3) 


(solid) (dissolved) (ionic) 


AsoSs = AsoSs wee 2Asttt + 58> 
+ 6Nat 





3Na8 = Som 


2AsSq (weak complex) 


(solid) (dissolved) (ionic) 
Sb.83 — | Sb.S3 | = 28b++*++38= 


3Na25 = | 38S= 6Nat 
(weak complex) 28bS83 


(solid) (dissolved) (ionic) 


SboS; = | Sb.S; | = 2btt+++-+58= 
3Na,.8 = | 38- fe ON a 


2SbS; (weak complex) 


(solid) (dissolved) (ionic) 


SnS. = | SnS. | — Snt* 4+ 28- 
pad 


NaS S= + 2Nat 
tt 
Sn83— (weak complex) 
(solid) (dissolved) (ionic) 
Hes Hgs | @ Hgt + S= 


2 
Nas @ | S= + 2Nat 


Hgs.= (weak complex) 
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It will be noted that, in all the above illustrations, only 
the monosulphide of sodium or ammonium is considered, 
whereas in most procedures, the polysulphide of either is 
used. The necessity for polysulphide is due to divalent tin, 
which forms no complex. The extra sulphur atoms in the 
polysulphides act as oxidizing agents and oxidize the tin to 
its higher valence. The higher sulphide of tin then dissolves 
as shown. The equation may be written: 





SnS -L iS) —> SnS, Fae SnS; (weak complex) 


T 
Nass, = | S= + 2Nart. 





As in the case of tin, the lower sulphides of arsenic and 
antimony are also oxidized (really sulphurized) to the higher 
sulphides, which in turn dissolve to give the higher sulpho- 
salts, as shown: 





As.S3 + 285 > ASoSs — 2As8q 
3Na2S, > | 38> + 6Nat. 





The same may be written for antimony, though of course 
not for mercury, since mercury has no higher valence. 


Equilibrium Shift by Formation of a Complex Ion. — 
c. The Action of Arsenic Acid with Hydrogen Sulphide. — 
Though the action of arsenic acid toward H.S does not par- 
ticularly involve any complex ion, it is included here because 
of its importance in connection with the analysis of this 
group. In precipitating the arsenic-copper group of elements, 
the acid concentration should be adjusted to definite strengths 
for the best results. Since the acid concentration in the 
original is generally unknown, the solution is evaporated to 
dryness and 30 milli-equivalents (2.5 ¢.c.) of concentrated 
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hydrochloric acid are added. If during the evaporation 
trivalent arsenic and chlorides are present, there is danger of 
loss of arsenic, since arsenious chloride boils at 130.2°. To 
overcome this, a few drops of nitric acid are added. This 
oxidizes the trivalent arsenic in arsenious chloride to pen- 
tavalent arsenic in arsenic acid. 


(AsCl; + 3H.0 = -As(OH); + 3HCl) x 6 
(QAst6H); > -AsyOs + H.0) x 3 
(2HNO; — H.O + 2NO +30) X 2 
LAss63 +20-—-Asx05) X 3 
(H2O +_As0; — 2H;AsO:) X 3 
6AsCls -+- 4HNO; + 16H20 — 18HCI + 4NO + 6H;AsO, 


This shows only the conversion of the arsenic chloride to 
arsenic acid, in which the arsenic goes to the pentavalent 
form. No consideration of the oxidation of HCl, etc., is 
given, since it does not affect the arsenic. 

Arsenious acid, As(OH)s, as previously pointed out, is 
decidedly amphoteric. Its dissociation into Ast*++ and OH- 
ions is easily sufficient to cause rapid precipitation of As»Ss. 
Arsenic acid, H;AsOu., is very similar to phosphoric acid. 
It is moderately dissociated as follows: 


H;AsO, @ H* + HeAsO.- @ 2Ht* + HAsOZ = 3Ht + AsOZ. 


The secondary and tertiary ionizations of arsenic acid are 
very weak, as with phosphoric, but the primary ionization 
is about 27 per cent. The basic tendencies of arsenic acid 
are practically nil. Thus when we try to precipitate arsenic 
sulphide from H;AsO, under normal conditions, it precipitates 
very slowly because there is no As** ion available to form 
As.S;, except from an extremely small dissociation of arsenic 
acid, as follows: 


+e 
H;AsO, + H,O @ Ast*++ + 50H-. 


The arsenic sulphide in a 0.3 normal solution of HCl may 
take as long as twenty-four hours to be completely pre- 
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cipitated in the cold. The action which takes place has not 
been completely explained, but probably is a combination 
of two functions as indicated in the followmg equations: 


(1) 2H;AsO, + 5H.S — As,S; + 8H20 
and 
(2) 2 X (H3AsO, + H2S — HeAsO3S + H,O) 
(3) 2 X (HisAsO3S — HAsO; + S) 
(4) HAsO; + 6HCl] — 248€% -+ 6H.O 
(5) 2AseCK + 3HS; — AsoS; + 6HCI. 


2H3AsO4 + 5H2S — > AsoS3 + 8H,O + 25 


There are really two separate actions: in equation 1, the 
direct precipitation of arsenic as As.S;; and in equations 
2, 3, 4, and 5, the reduction of the arsenic acid to arsenious 
acid through the formation of the fairly stable monosulph- 
arsenic acid, H3;AsO38. The arsenic from this compound is 
then precipitated in the trivalent form as the equations indi- 
cate. As stated above, in cold dilute solutions of HCl, this 
action goes on very slowly. It has been found, however, 
that heat and a high concentration of HCl (2.5 ¢.c. concen- 
trated HCl in a total volume of 5 ¢.c.) cause rapid precipita- 
tion of the arsenic. This is probably due to the facts (1) that 
the H;AsO3;8 is unstable in the presence of concentrated 
HCl, especially when heated; and (2) that HsAsO, is partially 
converted into AsCl, as follows: 


H;3AsO, + 5HCl & AsCl,; + 4H20, 


when the HCl is sufficiently concentrated. 

Since high concentrations of acid would seriously interfere 
with the successful precipitation of some of the othersul- 
phides of the copper-arsenic group (cadmium sulphide, for 
example), it is advisable after evaporation to add 2.5 c.c. of 
concentrated HCl, dilute to 5 or 8 c.c., heat almost to 
boiling, and pass in a rapid stream of H.S. After five minutes 
the arsenic may be considered completely precipitated and 
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the solution diluted to such volumes as will permit the com- 
plete precipitation of the other metals of the group. 


Equilibrium Shift by Formation of a Complex Ion. — 
d. Other Complex fons. — Among several other types of com- 
plex ions which may be formed, the most important are 
those with the CN~ radical. Gold, silver, mercury, copper, 
cadmium, cobalt, nickel, and iron, among others, all have 
the ability to form complex cyanides of the same type. All 
of them are quite stable. Thus, for example, if potassium 
cyanide is added to a solution of a silver salt, a very insoluble 
precipitate of AgCN is formed, but it dissolves in an excess 
of the potassium salt. This may be written: 


KCN + AgNO; — AgCN + KNO3; 
AgCN + KCN — KAg(CN)p. 
The type of action is the same here as in other complex-ion 
formations: the combination of an ion (CN-) with a molecule 


(AgCN) to form a very weakly ionized complex (Ag(CN:)-). 
The equation may be written: 





(solid) (dissolved) 
(1) 
AgCN = Agt + CN- 
fb 
KCN K 
(2) 
Ag(CN):. 


The silver has gone entirely into the negative side of the 
compound. That this is true can be shown by electrolysis, 
which causes all but traces of the silver to move toward the 
positive pole. 

The complex Ag(CN)3 is a very stable one, so stable that 
the addition of a chloride will not precipitate silver chloride. 
Since silver chloride is quite insoluble, the concentration of 
the silver ion must be very low in order not to precipitate. 
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The concentration of the silver ion depends on the concen- 
tration of the cyanide ion, according to the equations: 


[AgCN] x [CN] _ 





(a) (from 2 above) [Ag(CN)s] = K 
aL , — 
(b) (from 1 above) BN = ise 


multiplying a by b, 


[Agt] x [CNP _ gn 
[Ag(CN) 2] 


If, therefore, an excess of KCN is added, the concentration 
of the silver ion is cut down as the cyanide ion concentration 
increases. Furthermore, it is lowered in proportion to the 
square of the cyanide ion concentration. Thus, by addition 
of a comparatively small excess of KCN, the silver ion 
concentration can be so reduced that silver sulphide cannot 
be precipitated from the solution. Silver sulphide is one of 
the most insoluble compounds we know; its K,, = 4 xX 107°? 
and the concentration of silver ion necessary to precipitate 
it from its saturated solution is about 1.6 X 10~!’, a concen- 
tration many billion times smaller than the H* ion in water. 
The concentration of silver ion in the presence of excess 
potassium cyanide, then, is almost zero for all practical 
purposes. 

The relationships which have been discussed for the com- 
plex cyanide of silver hold in greater or less degree for all 
the other complexes. Since, owing to the exceedingly poison- 
ous character of potassium cyanide, most procedures avoid 
its use, individual discussion of each will be dispensed with. 
The equations for the formation of the more important 
complex cyanides, however, are given herewith: 


(1) HgCh + 2KCN — Hg(CN), + 2KCl 
Hg(CN)2 + 2KCN > KeHg(CN), 
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(2) CuCl + KCN — CuCN + KCl 
CuCN + 2KCN — K,Cu(CN)),. 
(Cupric salts are reduced to cuprous by KCN, and the 
complex is then formed.) 
(3) CdChk, + 2KCN — Cd(CN), + 2KCl 
Cd(CN). + 2KCN — K,Cd(CN), 
(4) FeCl, + 2KCN — Fe(CN), + 2KCl 
Fe(CN)2 + 4KCN — KyFe(CN). 
(5) FeCl; + 3KCN — Fe(CN)3 + 3KCl 
Fe(CN)s + 3KCN — K;3Fe(CN).. 


The latter two — the ferrocyanides and ferricyanides — 
are the most familiar of the complexes. They are both very 
stable; if to a solution of K;Fe(CN). some thiocyanate is 
added, no trace of red color is shown. When one considers 
that the thiocyanate test for ferric iron is a very delicate 
one, the above gives evidence that the ferricyanide ion is 
very little dissociated. 


Summary of Complex-Ion Formation. — From the fore- 
going we have seen that complex ions have the following 
properties: 


1. Formed from a molecule and an ion 
2. Very stable in general, i.e., weakly dissociated. 


From the latter property it is obvious that when the com- 
ponents of a complex ion are present, there will be a strong 
tendency toward its formation, and a consequent equilib- 
rium shift in the direction of the complex. 


Equilibrium Shift by Change in the Charge of an Ion 
(Oxidation and Reduction). — Though the change in charge 
on an ion is not used very frequently for the express purpose 
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of bringing about an equilibrium shift, yet this type of 
reaction (oxidation and reduction) occurs very often and is 
therefore important. 

The term oxidation, being naturally associated with the 
name oxygen, from whence it originated, is misleading. In 
the present-day understanding, it does not necessarily in- 
volve oxygen. In the early history of chemistry, most of 
the reactions of this type involved oxygen; they were conse- 
quently classed by themselves and called oxidation reactions. 
This class has been broadened to involve many reactions of 
similar nature which do not involve oxygen at all. So, for 
example, both of the following reactions are considered 
oxidations: 


2Cu + O2 — 2CuO 
Cu +8 —CuS. 


Similarly for such a change as takes place with iron 
compounds; ferrous oxide on oxidation gives ferric oxide, 
yet ferric chloride bears the same relation to ferrous chloride 
as the higher oxide does to the lower. The change of ferrous 
chloride to ferric is therefore considered an oxidation. 

On examining many changes of this type, it becomes 
apparent that the common factor is valence change. When- 
ever we speak of an oxidation’s having taken place, we note 
that the number of positive valences of an element has been 
increased. We define oxidation therefore as follows: Oxi- 
dation is the increase in the number of positive charges of 
an atom. 

The opposite of oxidation would be an increase in the 
number of negative charges; this is called reduction: Reduc- 
tion is the increase in the number of negative charges of an 
atom. 

We shall see later that wherever the positive valence of 
one element is increased, of necessity the negative valence of 
some other element involved in that reaction is also inereased. 
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In other words, oxidation and reduction always occur 
together; whenever one element is oxidized, some other ele- 
ment is reduced. Thus in the case of the union of sulphur 
with copper, both are originally of zero valence; but when 
they unite, the copper shows two positive charges and the 
sulphide two negative charges. The former has been oxi- 
dized and the latter reduced. 


Electrons and Change of Valence. — From what we know 
of the electronic structure of atoms and the fact that their 
valence is due to an excess of either protons or electrons, 
we can readily interpret the meaning of the changes in 
valence which take place in oxidation and reduction reac- 
tions. When a given element is oxidized and another is 
simultaneously reduced, it simply means that the former 
has had electrons removed from its valence orbit and that 
in consequence a larger number of excess protons is now 
present. Contrary to the old idea of thinking of oxidation 
as a gain in positive charges by an element, we see that 
there is really no gain but a loss in negative charges. This 
loss in negative charges is taken up by the element reduced. 
We should keep well in mind, however, that all changes in 
valence are brought about by addition or subtraction of 
electrons from the elements and never by any change in 
the number of protons. 

We may now look at and define oxidation and reduction 
in a different, simpler manner: Oxidation is the removal of 
electrons from an atom; reduction is the addition of elec- 
trons to the atom. So when copper unites with oxygen, 

2 Cu + O2 > 2 CuO, 
each atom of copper loses two electrons and has in excess 
then two protons, or a positive valence of two; each atom 
of oxygen gains the two electrons lost by the copper and has 
two excess negative charges, or a negative valence of two. 
The copper has been oxidized and the oxygen reduced. 
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To take a somewhat more complex case, consider the 
reduction of mercuric chloride by stannous chloride: 


2HgCl, + SnCl — 2HgCl + SnCh. 


Each mercury atom gains one electron, and so is reduced. 
Each tin atom gives up two electrons, one to each mercury 
atom. The tin is oxidized from a valence of two to a valence 
of four. 


Writing Equations for Oxidation and Reduction Reac- 
tions. — Most of the reactions involved in analytical chem- 
istry are double decompositions. If the student learns the 
valences of the metals and the acid radicals, he is in a posi- 
tion to write the iormula for any compound involved in his 
work. Knowing the formulas involved in a reaction where 
double decomposition takes place is all that is necessary for 
writing the equation, because the balancing of such equations 
is, almost invariably, quite simple. 

Such equations as are not double decompositions are almost 
always oxidation and reduction reactions. Unfortunately 
for the student, they are not always simple, and no simple 
systematic process is applicable to their solution. The result 
is that the student attempts to memorize such equations. 
Even if he is successful in learning all of them well, his 
retention of them is only temporary. 

With comparatively little practice and thought, the student 
can gain command of the following method of writing such 
equations. This method is systematic in principle and gener- 
ally applicable though the student should not get the idea 
that all he need know about an equation is this method of 
solution and the chemicals used. We can, after all, write 
several equations for the reaction of a given set of chemicals. 
Under given conditions, only one of these, in general, will 
be correct. The student should, therefore, in learning an 
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equation, first learn (1) what chemicals are used, and (2) 
what products are formed.* 

The student almost invariably objects, saying that if he 
is to memorize this much he may as well remember the 
numbers too. Actually, though, the reactions of most of the 
oxidizing and reducing agents are typical, so that, with a 
little practice, the student can predict what the products 
formed will be, and need not memorize them for each indi- 
vidual case. So, for example, when potassium permanganate 
acts as an oxidizing agent, it almost invariably is used in 
acid solution. The manganese under these circumstances 
gains five electrons, going from a valence of seven to a 
valence of two (Mn“* — Mnt+). Heptavalent manganese 
always appears as part of a permanganate acid radical, 
divalent manganese always as a manganous basic radical. 
The five charges must be taken up by the substance oxi- 
dized, and the products formed as a result must be remem- 
bered. So far as the manganese is concerned, however, the 
same action always takes place. 


Mn + 5(—) — Mn*. 


What the acid radical which unites with manganese will be 
depends upon the acid or acids used in the reaction. This 
will be illustrated later. 

Another common oxidizing agent is potassium dichromate 
in acid solution. Under these conditions, the chromium 
goes from the hexavalent condition in the acid radical to 
trivalent chromium as a metallic radical. 


Cr Os. 0) 2Crts, 


* When a student is in any doubt whatever as to the products of an 
oxidation, he should immediately consult a text for the facts. Any 
guess may be entirely wrong. ‘Too much emphasis cannot be placed 
upon the indispensable fact that we must know the reactants and the 
resultants to write an equation. There is no formula which will tell 
these. 
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Again, the salt formed by the trivalent chromium depends 
on the acid used. 

The first step in writing oxidation and reduction equations 
is to be able to tell the valence of the element which is to 
be oxidized or reduced. How, for example, do we know 
that Mn has a valence of 7 in KMnO,? that Cr is 6 in 
K.Cr26;? The process for determining this is simple. First 
of all, the sum of the positive and negative valences in any 
compound must equal zero. The student should know that 
(with a few exceptions which do not enter elementary con- 
siderations) oxygen has a negative valence of two, and 
hydrogen a positive valence of one. If he knows the positive 
valences of the common metals, the rest is easy. 

Let us take KMnO,. There are four oxygen atoms, which 
means eight negative valences. There is one potassium, 
giving one positive valence. 


40 =4xX(-2)=-8 
1K =tise (1) 1 
Difference — 7 
The difference between these two is the number of valences 
which one atom of manganese must have to make this 
compound electrically neutral. Obviously this is plus seven 
(+ 7); the valence of Mn in KMnQ3. 
Let us try K,Cr,O;. Here we have seven oxygen atoms, 
giving fourteen negative valences and two positive potassium 
valences. 


I 





70 =7X (-2)=-—-14 
2K =2X( 1) = 2 
Difference — 12 


The difference is twelve negative valences to be accounted 
for by two chromium atoms. Each chromium must there- 
fore be (+ 6). 

The next step is to remember that, in an equation, just 
as in a compound, the sum of all the positive and negative 
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valences is equal to zero. Therefore, if some element loses 
a given number of charges, that same number must be 
gained by one or more of the other elements. So when Mn 
goes from a valence of (+ 7) to a valence of (+ 2), some 
other element or elements involved in the reaction must 
acquire (+ 5) charges, or, to be more accurate, lose five 
electrons (which are gained by the manganese). 

Lastly, we must remember that all free elements have a 
zero valence. There is no excess or lack of electrons, and 
therefore no positive or negative charge. 

Let us take a balanced equation to show how these ideas 
apply: 


Determining the valence of Cr in K.Cr.O7 as above, we see 
that it is six, and that it is reduced to three in CrCl. Since 
there are two chromium atoms each losing three positive 
(3 +) charges, some other element or elements must gain 
these six positive charges (actually, lose six electrons). In 
this case the six chlorine atoms on the right-hand side of the 
equation are zero-valent, being the free element. All of the 
chlorine atoms on the left side of the equation have a nega- 
tive valence of one (— 1). Each of the six on the right-hand 
side must have gained a positive charge (lost one electron) 
to become zero-valent, thus accounting for the six positive 
charges lost by the two chromium atoms. 


The Ion-Electron Method of Writing Oxidation and Re- 
duction Equations. — In the reaction above and all others, 
it will be noted that certain of the elements are not involved 
in the breakdown of the oxidizing agent. Thus the two 
potassium atoms in potassium dichromate and the six 
chlorine atoms which go to the two trivalent chromium 
atoms are not particularly involved in the oxidation and 
reduction. For the sake of simplicity, these may be omitted 
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from the preliminary writing of an equation. Thus the reac- 
tion may be written: 


Cr.0O7 + 14Ht* + Cl- — 2Crt+ + C)/® + 7H.0. 


In the above statement lies the foundation of what hap- 
pens in the reaction. This may be subdivided again into 
(1) what happens in the oxidizing agent and (2) what 
happens to the substance oxidized. 

Considering the former, the two chromium atoms of tho 
oxidizing agent Cr,O7 go to form 2Cr*** and all the oxygen 
forms water, using 14H: 


(1) CrO7 4- 14H* —> 20rt** + 7HLO. 


So far as the atoms of the elements are concerned, the 
equation is balanced, but when we total the positive and 
negative charges, we see that there is a deficiency of twelve 
positive charges on the left-hand side of the equation and 
six negative charges on the right-hand side. The difference 
being six, we may write: 

Cr.O7, + 14H* + 6(—) — 2Cr+*++ + 7H,0. 

Considering now the reducing agent, the change from Cl- 
to Cle may be written: 

(2) 2Cl- > Cl. 

There is a deficiency of two negative charges on the right- 
hand side, so we write: 

2Cl- > Cl§ + 2(—). 

To balance equation 2 with equation 1 necessitates multi- 
plying the former by 3. Doing this and adding the two, we 
have: 

Cr.O; + 14H* + 6Cl- > 2Crt+++ + 7H20 + 8Ch. 
This equation is the same as 
K2Cr,0; + 14HCl — 2CrCl; + 2KCl + 7H20 + 3Ch, 
Behe 
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except that the two potassium ions and two chromium ions 
are not taken care of. Since both are positive, and there 
are no other negative ions left but eight of chlorine, the 
compounds formed are 2KCl and 2CrCls. 

For the sake of completeness, let us consider the more 
complicated case of oxidation of hydrogen sulphide by 
potassium permanganate in sulphuric acid solution. Obvi- 
ously, the oxidizing agent is the permanganate; the reducing 
agent, hydrogen sulphide. We must know the following: 

1. Mn inacid solution of KMnQ, forms Mn* on reduction. 

2. Free sulphur is formed, which means S= — 8°. 

We may write: 

MnO, + 8H*+ + 8- — 4H.0 + Mnt + 8°. 
Considering what happens to the MnO; ion (the oxidizer), 
we write: 

(1) MnO; + 8Ht > Mn* + 48,0. 

When we total the positive and negative charges, there is a 


deficiency of five negative charges (5—) on the left-hand 
side. We have then: 


(2) MnO; + 8Ht + 5(—) — Mnt* + 4H,0. 
Considering the reducing agent, 
3) S-— 8%, 


there is a deficiency of two negative charges on the right 
side of the equation. We should write: 


(4) Sa 8) a2). 
To balance 2 and 4, we multiply 2 by 2and4by 5. Adding 
the result, we have: 
2MnO; + 16Ht+ + 5S8= — 58° + 2Mn** + 8H.0. 
Since the acid used was sulphuric, the only acid radicals 


available for the 2Mnt+ and the 2K+ are SO; radicals. 
The 2Mn**+ and 2Kt+ require 380, radicals, using up 
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6H+. The other 10H*+ go to the 5S~ to form the H:S. The 
complete equation is: 


2K Mn0O,+3H.S0,+5H2S ==> 2MnSO, + K.SO4 a. 8H,O+5S. 


Equilibrium Shift by Means of Oxidation and Reduction 
Actions. — As stated in the beginning of this discussion, it 
is not frequent that a shift of equilibrium is brought about 
by oxidation and reduction. There are, however, a few 
important cases. Silver sulphide dissolves in nitric acid, for 
example, whereas it will not dissolve in hydrochloric. At 
first sight it would seem that it might dissolve in either: 

(solid) (dissolved) (ionic) 


Ages — Agee ee 2Agr -t 
(1) HCle Cl 





In this equation, if we proceed to look for the weak com- 
pound, H.S answers and, in keeping with our ideas, is ac- 
tually formed, but in very small quantity. It so happens, 
however, that AgS is extremely insoluble (K,P = 4.0 x 10-°), 
and the very small concentration of S= ions from the little 
HS formed is sufficient to exceed the K,, for silver sulphide. 
In other words, an equilibrium is established as shown in 
1, but the reaction is practically entirely toward the left (<-). 
‘In the case of HNOs;, the same set of circumstances pre- 
vails as long as the solution is cold and dilute. If the mix- 
ture is heated, the HNOs; functions not only to form H.§, 
but to oxidize the 8= to free sulphur and thereby destroy it. 
(solid) (dissolved) (b) (ionic) 

AgeS @ AgoS @ 2Agt+ | 8-|->8° 


(2) HNO, > 2NO,- + | 2H (oxidized by HNOs) 


tf 
HS 
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Since S= ions are destroyed, the equilibrium b is disturbed 
and more dissolved Ag,S goes into the ionic form. As a 
result of this, more solid dissolves. Continued oxidation will 
cause a complete solution of Ag.S. 

We have then a reduction of the concentration of the S= 
ions practically to zero and consequent equilibrium shift by 
means of an oxidation reaction. 

The same type of reasoning applies to the rapid solution 
of cobalt and nickel sulphides in aqua regia. Both these 
sulphides dissolve only very slowly in hydrochloric acid. 


SUMMARY 


We have just learned that: 
1. In attempting ionic explanations in analytical chemistry 
we must keep two things in mind. They are: 
(a) formation of a weak electrolyte, and 
(b) the solubility product principle. 
2. We should try to apply the former in any case and the 
latter to such cases as involve a precipitate. 
3. The shift of ionic equilibria may be brought about in 
several ways. They are: 
(a) formation of an insoluble compound, 
(b) addition of a common ion, 
(c) formation of a slightly ionized compound, 
(d) formation of a complex ion, and 
(e) oxidation and reduction. 
4. An amphoteric hydroxide is one which at all times ionizes 
both as an acid and as a base. 
5. Hydrolysis is a double decomposition in which water is 
one of the reactants. It is the reverse of neutralization. 
6. The salt of a strong base and a weak acid reacts basic in 
solution. The salt of a strong acid and a weak base reacts 
acid in solution. 
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i 


8. 


o; 


The ionization of water, though extremely small, is the 
prime factor in hydrolysis. 

A complex ion is generally formed from a compound and 
an ion and is weakly dissociated. 

Oxidation is the removal of electrons from an atom and 
reduction is the addition of electrons to an atom. 


QUESTIONS 


(N.B. — Questions on thé application of principles to actual 


cases will be reserved for Chapter VIII, which is devoted exclusively 
to such questions.) 


it, 
2. 


3. 


10: 


it: 


What are the two big factors to keep in mind when trying to 
explain a given phenomenon in analytical chemistry? 

Do both of these factors always apply? Name some cases 
which illustrate your answer. 

Name and illustrate all the different ways by means of which 
an ionic equilibrium may be shifted in one direction or the other. 


. Write a definition of hydrolysis and give several typical cases 


to illustrate. 


. Which of the following compounds would you expect to react 


basic, which acid? Give reasons for your answers, and illus- 
trate by writing the ionic equations in diagram form: Nags, 
AICI, NayCOs, BiCl;, NaeB.0;. 


. In what type of compound would you expect hydrolysis to go 


to completion? Give a typical compound and explain its 
action. 


. What is meant by a complex ion? Give several examples found 


in qualitative analysis. Explain how their properties are put 
to use in the procedure. 


. What is meant by an amphoteric hydrovide? Name two such 


and show their use in the procedure. 


. Define oxidation and reduction in terms of valence change; in 


terms of electronic change. 

Select several oxidation and reduction reactions which occur in 
your procedure and write equations for them by use of the ion- 
electron method. 

Give an illustration of how an oxidation and reduction reaction 
is used to bring about a shift in an ionic equilibrium. 
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With a view toward giving the student some definite idea 
as to the general method of attack in answering questions 
involving theory in analytical work, some typical questions 
and their answers will now be given in full. 

To be prepared to answer questions satisfactorily, the 
student is advised to use the following general method of 
attack: 


1. Know the table of ionizations of the common acids, 
bases, and salts. 

2. Write the equilibrium equations for the compounds 
involved. 

3. Look for a weakly ionized compound. 

4. If a precipitate is formed, apply the Solubility Prod- 
uct Principle. 


In the following questions and answers, it will be noted 
(and pointed out) how generally the above procedure is 
followed. Truly enough, it is not a general formula for all 
cases; in fact there are incidents in which it might be mis- 
leading, but for most cases this method of procedure works 
admirably. 

1. Question. — Explain, on the basis of the theory of 
ionization, why calcium carbonate ‘dissolves in acetic acid. 

Answer. — A precipitate of calcium carbonate sets up the 
following equilibria: 


(1) CaCOs = CaCO; @ Cat + | CO; 
(2) 2HC.H302 @ 2C2H30 2 






NV 
H.CO; => H,O + CO,. 
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Acetic acid ionizes as shown. Examination for a weak com- 
pound shows two possibilities, calcium acetate and carbonic 
acid. The former, being a salt, is probably highly ionized; 
the latter, if we recall our table, is weakly ionized. H.COs, 
then, is our weak compound. By its formation, CO3 and 
H+ ions are removed from the solution. The solution was 
saturated with CaCO3: 


[Ca**] X [CO3] = Ka, 


but removal of CO; ions has caused a fall in [CO3], so that 
the solution is undersaturated. (Here we have the appli- 
cation of the Solubility Product Principle.) As a result, 
equilibrium 2 shifts toward the right to reéstablish itself and 
restore the value [Catt] & [CO;-] = Kg», Thereupon, equi- 
librium 1 shifts in the same direction to replace the CaCO; 
(dissolved). In this manner, some of the CaCQOs; (solid) is 
dissolved. Addition of sufficient acid will result in complete 
solution of the CaCO;. The action toward the right in this 
particular case is materially assisted by the fact that the 
molecular H.COs, as it is formed, breaks down to form CO, 
and H,O, thus preventing redissociation to 2H* and CO. 


Another Explanation. — The explanation of the solution 
of the carbonate may be approached in another manner. 
Considering the equilibrium for carbonic acid which is set 
up in the solution, we have: 


p+? x {CON _ 
[H2COs] 





As the acetic acid is increased, the [H*] increases. The 
result is that [CO] must decrease as the square of [H+], 
to keep K constant. [CO;>] therefore becomes so low that: 


[Ca++] x [CO3] < Ky, 


and both equilibria shift as previously explained. 
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It becomes obvious that any acid which gives an [H1] 
which is appreciably greater than the [H+] of H.CO; will 
dissolve a carbonate. 

If we choose a compound the acid radical of which comes 
from an acid of greater strength than the acid added, the 
compound will not dissolve. Thus, since calcium oxalate is 
a salt of oxalic acid, and the latter is a stronger acid by far 
than acetic, the oxalate will not dissolve in acetic acid, for 

+P x [C05] _ 
[H2C20,] 
is the equilibrium equation for H,C,O,. Addition of acetic 
acid to this does not increase [H+]. Therefore, there is no 
repression of the [C.,0%], and no tendency for CaCO, to 
dissolve. Addition of HCl, an acid whose [Ht] is much 
greater than that of H2C,O1, causes CaC.O, to dissolve in 
the same way as HC2.H;0, dissolves CaCOs. 

The solution of precipitates in acids in this way is quite 
general. Thus all the sulphides of the cobalt-iron group 
may be dissolved in dilute HCl (CoS and Nis very slowly); 
the insoluble phosphates, borates, nitrites, and chromates 
all dissolve in dilute solutions of a strong acid such as HCl. 
Many of these dissolve in as weak an acid as acetic, though 
not all. Thus the phosphates of barium, strontium, calcium, 
and magnesium, all dissolve in acetic acid, but those of iron, 
chromium, and aluminium are so insoluble that the reduc- 
tion of PO ion by addition of acetic acid is not sufficient 
to go below the solubility product of these three phosphates. 





Co-Fe Group. — The student must be careful of the type 
of pitfall described above. A hasty application of the princi- 
ple of the formation of a weak compound may lead to 
entirely erroneous results. Thus, for example, it would seem, 
from what is true of the sulphides of the cobalt-iron group, 
that the sulphides of the copper-tin group would also dis- 
solve in dilute HCl. This is not the fact. Let us see if we 
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can explain why. Taking PbS as an example, the following 
equilibria are established: 


Pbs = Pbs = Ph + |" “s= 
HCl = 2Chr +- | 20+ 
I 

HS. 
It would seem from this that the weak compound H:S 
forms, and as a result, the PbS should dissolve as explained 
for calcium carbonate. The H.S does form, but even so the 
S= ions removed from the solution are not sufficient to go 
below the solubility product of PbS, because the latter is so 
insoluble (S. P. = 4.2 x 10-°8). The result is that lead 
sulphide is not dissolved by dilute HCl. Herein lies the 
basis of the separation of the copper-tin group from the 
cobalt-iron group. The solubility product constants of the 
former are so low that a concentration of HCl as high as 
0.4N does not prevent their precipitation as sulphides, 
whereas the constants for the cobalt-iron group are suffi- 
ciently large to prevent sulphide precipitation except in very 

dilute acid solution.* 


Effect of Alkaline Solution on Sulphide [S-] Concentra- 
tion.—To overcome the repressing effect of the H* ion and 
thus permit precipitation of the cobalt-iron group, the solu- 
tion is made alkaline with ammonium hydroxide. This de- 
stroys the H+ ion and at first sight just seems to give the 
full benefit of the S= ion concentration from HS. But it 
does mere than this. Since H.S is a very weak acid, its 
sulphide ion concentration in saturated solution is very low 
(1.2 X 10-4). When it is passed into ammonium hydroxide, 
however, it is neutralized: 

2NH,0H + HS @ (NH,).S + 2H.0, 
also (NH,OH ++ HS = NH,HS of HO). 
* See also calculations for PbS and ZnS, Ch. V, pp. 108-110, 
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(The latter equation is omitted from consideration because 
the main effects come from the sulphide ion.) Since the 
(NH,).S formed is a salt, it is highly ionized, and the sul- 
phide ion concentration is thus enormously increased, the 
concentration in a 0.1 molar solution of (NH4).S8 being 
1.8 X 10-*. This is so in spite of the fact that (NH,).S is 
a salt of a weak base and a weak acid and is therefore highly 
hydrolyzed by water. 

The effect of ammonium hydroxide can be strikingly illus- 
trated in the following manner. A tenth molar solution of 
FeS0O,..7H.O (27.8 g./l.) is prepared and saturated with HS. 
No precipitate results. We assume therefore that the con- 
centrations of S= and Fet* are not great enough to exceed 
the solubility product of FeS: 

[Fe**] X [S=] < Kop. 
If to this solution of FeSOu., saturated with H.S, ammonium 
hydroxide is added to alkalinity, a heavy precipitate of FeS 
forms immediately. Since the [Fet*] has not been changed, 
the [S=] must have been naturally increased by the addition 
of NH,OH, in order to precipitate the FeS. 

2. Question. — Explain in terms of the ionic theory why 
ammonium acetate is added in the test for barium, with 
potassium chromate. 

Answer. — Whereas barium chromate is insoluble in weak 
acetic acid solutions, increasing hydrogen ion concentration 
tends to make it dissolve. This is evident from the equilibria: 

(1) (2) 
BaCrO, @ BaCrO. @ Bat + | CrO7 


HAcezAc~ +) ot 


tt 
HGrOj. 
The HCrO; ion, representing the secondary dissociation of 
H.CrO,, is weakly dissociated, and therefore tends to form. 
This removal of CrOZ ions promotes solution of the BaCrOu,, 
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since equilibra 1 and 2 shift, as previously explained for a 
similar case. 

Any reduction in H+ ion concentration will prevent this 
tendency. NH,C2H;O, (or any soluble acetate) is added to 
reduce the H+ ion concentration by virtue of the common-ion 
effect. This has been explained in detail (see pages 102 and 
112); it will be briefly reviewed here. The equilibrium equation 
for acetic acid is: 

[H*] < [C2H;03] 
[HC.H30»] 


Since HC,H3;0. is weakly dissociated, the addition of 
NH,C,0302, a highly ionized salt, greatly increases the 
[C.H3O0; ], causing a consequent large fall in [H+] to keep K 
constant. 

Another point of view in the above case may be taken. 
The equilibrium involving the chromate ion is 


H+ + CrO4 @ HCr0,j ; 


= K. 





the equation is: 
[HCrO, | ; 

Increasing [H+] necessitates a decrease in [CrOZ] and an 
increase in [HCrO;] to keep K constant. Sufficient decrease 
in [CrO;z ] will cause [Bat*] X [CrOz] to go below Kg». for 
BaCrO,, and cause solution of it. Conversely, if [H+] is 
decreased by the common-ion effect, [CrOs] will be increased 
and more BaCrQ, precipitated. 

Other Applications of the Common-Ion Effect. — While 
there are numerous other applications of the effect of adding 
a common ion, only two of them are outstanding. The first 
is the addition of NH4Cl before NH,OH in precipitating the 
cobalt-iron group with NH,OH and H2S8; the second, the 
addition of the same reagent before precipitating the alka- 
line earth group with NH,OH and (NH,).CO; (if Mg is 
tested for with Na and K, ete.); and the third, the addition 
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of NH.Cl before NH4OH in the phosphate test for magne- 
sium. The purpose in all three cases is exactly the same, 
namely, to repress the [OH~|] of NHiOH by addition of a 
salt of the NH,* ion, so preventing premature precipitation 
of magnesium (see page 110 et seq.) 

The second case of common-ion effect commonly occurring 
is in the separation of the phosphates of iron, chromium, and 
aluminium in weakly acid solution. The solution must be 
acid, but almost neutral, to precipitate FePO., CrPO., and 
AlPOu., which are insoluble in this medium; and to prevent 
precipitation of BaHPO., SrHPO., CaHPO,., and MgHPO,, 
which are soluble in an acid medium. The solution is made 
weakly acid by adding HC.H;O02, and the H* ion is then 
repressed by adding NH yC:H;O2 as previously explained. 

3. Question. — When NaOH is added to a solution of 
SnCl., a white precipitate is first formed; this is dissolved 
on addition of more NaOH. Explain this phenomenon in 
terms of the ionic theory. 

Answer. — The white precipitate formed on addition of 
NaOH to SnCl, is Sn(OH)»2, which is insoluble, but at the 
same time amphoteric; that is, it is capable of ionizing both 
as an acid and as a base, according to the following equations: 


(solid) 
Sn(OH)» 
(acid ionization) 1 (1) (basic ionization) 
(2) 
9H {+ SnOs = Sn(OH), = Snt+ + 20H-. 
(dissolved) 
Zor. 2Nat = 2NaOH. 
(excess) 
{ 
2H,O 


As the excess NaOH is added, the OH™~ ions of the highly 
ionized NaOH unite with the Ht ions of Sn(OH): to form 
weakly ionized H,O. Removal of the OH- causes under- 
saturation (the S.P. Principle) and disturbance of equi- 
librium 2, with the result that more Sn(OH). dissociates to 
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reéstablish equilibrium. This in turn causes disturbance of 
equilibria 1 and 3, both shifting in the direction of Sn(OH): 
(dissolved). If enough NaOH is added, all the Sn(OH). 
(solid) will be dissolved. 

Another way of viewing this case is as follows. The [H*] 
and [OH~-] of Sn(OH)2 must satisfy 


TH] SRO je 
As [OH-] is enormously increased by addition of NaOH, 


[H+] must become vanishingly small to keep K constant. 
But the expression 


[H+]? X [SnO.=] = Ky 


nmoust also be satisfied. Since all takes place in one solution, 
[H+] in both cases is the same. To compensate the great 
diminution in [H*]?, therefore, [SnO.-] must become much 
larger. This takes place through solution of more Sn(OH)p, 
as explained above. 

The Sn(OH). solid may also be dissolved by addition of 
HCl instead of NaOH. The basic ionization of Sn(OH), is 
affected in this case, the OH- ions of Sn(OH)» uniting with 
the H+ ions of HCl to form weakly ionized water. From 
this point the explanation follows exactly the same trend as 
for the addition of excess base. 

As was previously mentioned, other hydroxides exhibit 
the same properties. The common ones are aluminium, 
chromic, zinc, lead, arsenious, and antimonous hydroxides. 
Except for variations in the equations for the reactions of 
these hydroxides with excess of strong base or strong acid, 
the explanations are all exactly similar. 

The question frequently arises as to whether these ampho 
teric hydroxides (except zinc, which forms an ammonia- 
complex) will dissolve in ammonium hydroxide. The fact 
is that this action does take place, but only to a small 
extent. Let us consider the case of aluminium hydroxide 
with excess ammonium hydroxide: 
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(solid) 


Al(OH)s 


H.O + | H+ + AlOZ Al(OH); = Al*+*++ + 30H- 
(dissolved) 


r= 
OH=| -- NE. = NHLOH: 
Be Be 


My) 
H,O0 

(The acidic dissociation of Al(OH); is represented as shown 
because Al(OH); is more likely AlO.H.H,O than Al(OH), 
according to certain investigators. It is sometimes repre- 
sented as follows: 

Al(OH); = AlO; + 3H+. 
Either is acceptable.) 

It is true that apparently the same facts exist for NH,OH 
as for NaOH. NH,AIlO., however, is a salt of a weak base 
and a very weak acid. The result is that it is highly hydro- 
lyzed by water. In other words the reaction 

NH, + OH- + Ht + AlO.- 2 NH,zt + AlO.- + HO 
goes chiefly in the (<) direction. The result is that few 
OH~— ions are removed, and therefore little Al(OH); (solid) 
dissolved. 

4. Question. — Explain in terms of theory why Ag(Cl is 
dissolved by NH,OH and reprecipitated by HNO; in excess. 

Answer. — AgCl solid dissolves to a slight extent and 
ionizes as a result. 

(Incidentally, insoluble material like AgCl may be con- 
sidered 100 per cent ionized because of the great dilution of 
the solution.) The equilibria set up by AgCl are: 

(solid) (dissolved) 
AgCl = AgCl = | Ag* + Cl 
rs 


2NH.,0H 2NH; | + 2H,0 


Diino Cae 
2NH,.+20H Ag(NHs)2. 
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Since a solution of ammonia contains dissolved ammonia 
gas and a small amount of ammonium hydroxide, the equi- 
libria for ammonia and water results as shown above. Cast- 
ing about for a weakly ionized substance, we find the com- 
plex ion Ag(NH;)¢. Since this complex is very weakly 
dissociated, the NH; molecules and Ag+ ions unite. The 
result is that the latter are removed from the field of action. 
This causes the solution to become undersaturated with 
AgCl (the S. P. Principle), and more AgCl (dissolved) dis- 
sociates to replace the ions removed, which in turn causes 
solution of AgCl (solid) as explained in other similar cases. 
From the point of view of the mass-action equations, we 
have for Ag(NHs3)o+: 
[Ag+] x INH) 
[Ag(NHs)3] 
The greater the [NH], the smaller [Ag+] becomes; when [Ag*] 
becomes so small that it is less than the concentration 
necessary to equal the solubility product of AgCl, i.e., when 


[Ag] X [Cl] <Kgp, 


all the AgCl will be dissolved. 

The effect of the addition of HNO; to AgCl dissolved in 
ammonia is manifested as follows. Considering the equilibria 
previously written: 


= K. 


(solid) (dissolved) (ionic) 
AgCl = AgCl <= Agt + Cl- 
2NH,OH = 7 | 2NH; | + 2H,0 


I 
ONH,+ + OH- Ag(NH,)s+ | 2H+ | + 2NO,- 


A 


| 
2NHst. 


When HNO; is added, the H+ ion unites with the NH; 
molecules from the small dissociation of Ag(NH3):+. The 
reaction in the direction of the NH,* ion is practically 100 
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per cent. The result is that the Ag(NHz;)} equilibrium is 
disturbed. More of the complex dissociates to replace the 
NH; removed, and thus returns Agt ion to the solution at 
the same time. If enough HNO; is added, the [Ag+] will 
become large enough to exceed the solubility product of 
AgCl and the latter will be precipitated.* 

It is interesting to note that, whereas AgCl can be readily 
and completely dissolved by ammonia, AgBr dissolves to a 
lesser extent, and AgI practically not at all. The reason is 
that the latter is so insoluble that the [NH3] manifested in 
concentrated ammonia does not reduce [Ag] (see mass-action 
* equation) below the solubility product of AgI. The magni- 
tude of the respective solubility products indicates this: 


AgCl = 1.2 x 107° 


AgCNS = 7.1 x 1073 
AgBr = 3.5 X 107% 
Agia 107 


* Tf the assumption that the H* ion unites with the NH; molecule is 
objectionable, though it should be no more so than the union of Agt 
ion and NH; molecule, the explanation may be approached at greater 
length with the same result, by assuming union of H+ and OH™ ion 
to form water. Both probably occur. 
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QUESTIONS AND PROBLEMS 


Note. — The following is a list of questions which have 
been selected as being representative of the types which 
might be asked in an elementary course in qualitative 
analysis. With the idea of giving the student a starting- 
point, but not supplying a complete answer to those ques- 
tions on ionic theory which are more involved, a suggestion 
or a hint is given with each. 

To avoid unnecessary repetition in writing the questions, 
the student should understand that so far as is possible the 
questions are to be answered in terms of the theory which 
has been presented. Thus, instead of saying at the begin- 
ning of each question of this nature, ‘Explain in terms of 
the Law of Mass Action and the ionic theory why AB is 


soluble in... ,” etc., the question will read, ‘Explain why 
AB is soluble in ... ,’”’ etc., unless some special case is re- 
ferred to. 


In addition to the questions for review and application of 
the ionic theory, some review questions on material presented 
earlier have been included. 


1. Explain why AgCl is dissolved by NH,OH and reprecipitated 
by HNOs. Hint. — Ag forms a complex ion; H:O is 
formed. (N.B.— This type of explanation applies as well to 
certain compounds of Cu, Cd, Co, Zn, and Ni.) 

2. Why is it that Pb** may sometimes not be precipitated by 
NH,Cl when H:8 will precipitate it? Hint. — Compare 
S.P. of PbCle and. PbS. 

3. Why is it that Ag is never found in the Cu group after analyz- 
ing the Ag group, but lead is always found in the Cu group if 
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14. 


15. 


16. 


17. 
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found in the other? Hint. — Compare 8. P. of AgCl and 
PbCle. 


. Why is PbCl, less soluble in a solution of NH4Cl than in water? 


Hint. — Common ion. 


_5. Assuming complete ionization of PbCle, what is the solubility 


of this salt in a solution which is 0.5N in Cl ion? <A satu- 
rated solution of PbCle is 0.069N at room temperature. 


. If the total volume of the solution in question 5 were 20 c.c., 


how much Pb would have to be present as the nitrate in order 
to give a precipitate with 8 c.c. of 2N NH4Cl (assuming no 
supersaturation, which actually occurs)? 


. Why is a considerable excess of reagent added in precipitating 


a given compound? Hint. — Common ion. 


. By means of mass-action equations, show the relation between 


the Ht ion concentration and the concentration a one of the 
ions of the copper group, say Cdt*. 


. Why is PbS dissolved by boiling nitric acid and not by HC}? 


Hint. — Oxidation of the S~ se and low 8. P. of PbS (same 
for Bi, etc.). 


. Why is PbSOs more soluble in HNO; than in water? 


Hint. — Compare primary and secondary ionization of HsSOu. 


. Explain the solubility of PbSOs in NH4C2.H3O.. Hint. — 


Pb(Ac)s is a weakly ionized salt (exception). 


. Why can PbCrO, be precipitated from the NH4C2H30¢ solution 


which dissolved the insoluble PbSO.? Hint. — Compare 
8. P. of PbCrO, with that of PbSO.. 


. If Pb were not completely removed by H2SO., would it be 


precipitated by the addition of NH4OH in excess? Hint. 
—S. P. of Pb(OH)2. 

Why may CupFe(CN). be precipitated from a weakly acid solu- 
tion, but not from an ammoniacal one under ordinary condi- 
tions of concentration? Hint. — Complex ion of Cu. 
Cu(OH), is precipitated from a salt of Cu by NaOH. Why is 
it not permanently precipitated by NHsOH? Hint. — 
Complex ion of Cu. 

If, to the above NH,OH solution, (NH4)oS is added, the CuS 
will be precipitated. Does this indicate anything about the 
dissociation of the Cu(NH3)4** ion? 

If KCN is added to a solution containing Cu and Cd ions, 
HS will precipitate the latter, but not the former. Explain. 
Hint. — Compare stability of the complex cyanide of Cu with 
that of Cd. 
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18. 


19. 


20. 


21. 


32. 


A solution of BiCl; in the presence of HCI gives a white pre- 
cipitate when it is considerably diluted with water. Explain. 
Hint. — Hydrolysis. 

Why does SnCl first give a heavy white precipitate with NaOH, 
this precipitate then dissolving in excess of the reagent? 
Hint. — Sn(OH). is amphoteric. (Same for Al, Zn, As, Sb, 
and Pb, in the lower valences of the latter three.) 

NaS in solution gives a strongly alkaline reaction with litmus 
paper. Explain. Hint. — Hydrolysis. 

Formulate the equations for the hydrolysis of NasS and from 
that draw a conclusion as to the effect of addition of a strong 
solution of NaOH. 


. Write the equations for the reactions between NaeS and HCl, 


and between NaeS, and HCl. Do the same for (NH4)oS and 
(NH4)oSe. In which direction would these reactions tend to 
go? Explain. Hint. — Dissociation of H2S. 


. What is the basis for the separation of the Cu group of metals 


from the Sn group? 


. Why is NagSe or (NH4)oSe necessary in this separation rather 


than the normal sulphide of either? Hint. — Sn8. 


. Why does AseS3 dissolve in (NH4)2S2 (or NazS:)? Hint. — 


AsS¢ is a complex ion. (Same for Sb, Sn, and Hg in the case 
of NaoSs.) 


. Why does HCl precipitate AseS; from (NH4)3AsS, or from 


NazAss4? Hint. — H2S is weakly dissociated. (Same for 
Sb, Sn, and Hg.) 


. Write the mass-action equation for MgNHyAsOy. Why is the 


latter soluble in dilute solution of strong acids? Hint. — 
HAsO, and HAsO¢ are weakly dissociated. 


. It is possible to have some SbCl; in solution in the test for Sn. 


It is directed to add HCl to prevent precipitation of SbOCI1. 
Explain. Hint. — Reverse hydrolysis. 


. NH,OH8 will dissolve Aso8;, but not HgS. Explain. Hint. 


— As forms complex sulpharsenate ions. 


. Explain the basis of the separation of HgS and AsS; from 


Sbess; and SnS. by concentrated HCl. Hint. — Compare 
8S. P. of the latter two with the former. 


. Explain why the phosphates of Fe, Cr, and Al are insoluble in 


weakly acid solution, but those of Mg, Ba, Sr, and Ca are 
not. Hint. — Compare 8. P. of the former group with 
the latter. 

What element of the Fe group might be precipitated with the 
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36. 


37. 


38. 


39. 


40. 


4]. 


42. 


43. 


44, 


45. 
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Cu group? Explain how this might come about. Hint. 
— Compare 8. P. of the two group sulphides. 
Why is FeS soluble in dilute HCI? Hint. — HoS is weakly 


dissociated. (Same for the other sulphides of this group, 
except that CoS and NiS are slowly soluble.) 

Why cannot Al or Cr be precipitated as sulphides in aqueous 
solution? Hint. — Hydrolysis. 

Show by the relation of the mass-action equations for the two 
dissociations of Al(OH)3 that the quantity of Al dissolved in 
the form of aluminate is proportional to the OH~ concentration. 
Explain the basis of the separation of Zn from Fe by means 


of NaOH. Hint. — Zn(OH)s is amphoteric. 
Explain the basis of the separation of Cr from Mn by means 
of NagQOr. Hint. — Formation of CrO7 ion. 


Tron sulphide is soluble in acetic acid; ZnS is not. Explain. 
Hint. — Compare 8. P. of the two sulphides. 
Using equilibrium equations, show why it is necessary to acidify 
a solution of Al(OH)3 in excess NaOH before precipitating the 
Al(OH)s3 with NH,OH. 
Zn(OH),. is an insoluble compound, yet the separation of Al 
from Zn depends upon the precipitation of Al(OH); by ammo- 
nium hydroxide in the presence of the Zn** ion. Explain. 
Hint. — Zn forms a complex ion with NH3. 
Explain why Zn or ZnS may be precipitated’ from a solution in 
HCl to which a large quantity of NaC,H;O2 has been added. 
Hint. — HC2H3QOz is a weak acid. 
Complete the following equations: 

AICI + NaeCO3 a H.O—> 

CrCl; + NaCO3 + H,0— 

AICls ++ NagCO; + H20—- 
Explain why these reactions take place. Hint. — Hydrolysis. 
What reaction toward litmus would you expect the following 
compounds to give: FeCls, CrCls, AlCls, NaeCO3? Explain. 
Would you expect arsenic (trivalent) and aluminium to be 
precipitated completely from their solutions by NagCO;3? Ex- 
plain. Hint. — NagCO3 hydrolysis. Al(OH)3 and As(OH)3 
are amphoteric. 
If (NH4)2SO4 were added to the Fe group instead of NH;Cl, 
what errors might be introduced? Explain. 
Why is NH,Cl always added before the NHsOH at the begin- 
ning of the Fe group? Explain in detail. Hint. — Mg(OH)2 
is insoluble; common-ion effect. 
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47. 


48. 


49, 


50. 
51. 
52. 
53. 


54. 


55. 
56. 
57. 


58. 
59. 
60. 


61. 


62. 


63. 


Write the reactions for the hydrolysis of (NH4)2CO3. What 
reagent could best be used to prevent this lydrolysis? 

In what way would the hydrolysis of (NH4)2COs3 affect the 
accuracy of the alkaline earth group analysis? Hint. — 
The bicarbonates of the alkaline earth metals are much more 
soluble than the carbonates. 

Explain the precipitation of SrSO4 by a CaSOxz solution. Why 
is there no precipitation when the latter is added to a dilute 
solution of a soluble salt of Ca? Hint. — Compare the 
8S. P. of the two sulphates. 

Upon what does the separation of Ba from Sr and Ca depend? 
Hint. — Compare the 8. P. of the chromates cf Ba, Sr, and Ca. 
Explain why BaCrO, is not precipitated from a solution in 
EKO Hint. — HCrO4 is weakly dissociated. 

Why is BaCOs soluble in acetic acid, while CaCO is not? 
Hint. — Compare the strengths of HC.H3O02 and H2C20x. 

In precipitating Sr as its chromate, why must the solution be 
alkaline and alcoholic? Hint. — See 8. P. of SrCrOx. 
What reagent which is closely analogous could be substituted 
for NagHPO, in the precipitation of Mg? Hint. — Arsenic 
and phosphorus are in the same group in the periodic table. 
Explain the solubility of MgNH4PO, in dilute HCi. Hint. 
— The secondary and tertiary ionizations of H3PO; are weak. 
Why is BaSOx, soluble in concentrated H2SO4? Hint. — 
Ba(HSO,)o is more soluble than BaSO.. 

Can Mg be precipitated from a solution containing NH,Cl by 


boiling with NagCOs? Hint. — NH,OH is unstable and 
NapCOs is hydrolyzed. 
Why is NH4C.H3O:2 added in the test for Ba? Hint. — 


Common ion. 

Why must traces of Ba, Sr, and Ca be removed before testing 
for Mg? 

Why is a strong base added in the test for the NHs* ion? 
What other property must this base possess? Hint. — 
NH,OH8 is weakly dissociated and volatile. 

Why is KeNaCo(NOs)s readily soluble in dilute HCl? 
Hint. — HNOsz is unstable. 

Define oxidation and reduction. Write equations for five reac- 
tions in which oxidation and reduction take place. Underscore 
the substances oxidized and those reduced. 

Define valence as applied to an oxidizing agent; a reducing 
agent. 
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Which of the following are oxidizing agents, which reducing: 
KMn04, KeCreO7, H2S, HNO3? Write a reaction in which each 
acts as either an oxidizing or a reducing agent. 

Why is Fe always in the divalent condition in the filtrate from 
the precipitation of the Cu and Sn groups? 

A yellow solution containing a chromate is treated with H2S 
for the precipitation of the Cu group. What changes in color, 
ete., take place due to the Cr? If insufficient HS is passed 
into the solution, what will be the effect on the subsequent 
detection of chromium? 

An acid is 0.56N. To what volume must 200 c.c. be diluted 
to make it 0.385N? 

Of a certain NaOH solution, 45 ¢.c. are neutralized by 35 c.c. of 
a 0.7N solution of HCl. What is the normality of the NaOH? 
Calculate the molarity of a solution of NH,OH of density 0.95 
containing 13.3 per cent NHs3. 

A solution of 20 ¢.c. of KCI gives a precipitate of AgCl which 
weighs 2.532 g. What is the normality of the solution with 
respect to KCl? : 

A solution of 4.45 g. of mannite in 250 g. of water freezes at 
— 0.22°C. What is the molecular weight of mannite? 

A solution of a salt which is 80 per cent dissociated contains 
14 of the molecular weight of the salt in 500 g. of water. The 
salt is made up of a divalent and two univalent ions. What will 
be the freezing-point of the solution? 

It is desired to make 1,000 c.c. of a solution (at room tempera- 
ture) with an H* ion concentration of 107%. Considering 
NaOH to be completely dissociated at this concentration, what 
normality of NaOH will give the desired value? 

How much acetic acid (N/10) will it take to make 300 c.c. of 
a solution with an H* ion concentration of 1.5 * 107%? 

If 5 c.c. of a 6N solution of NH4Cl are added to 25 c¢.c. of a 
N/10 solution of NH4,OH, what is the concentration of the 
OH~ ion? Assume the NH4Cl to be 70 per cent ionized. 

How much of a 2N solution of NH,OH will be necessary to 
start the precipitation of Mg(OH): from 40 e.c. of a N/10 
solution? Assume that the NH,OH is 1.0 per cent ionized, 
and that there is no increase in volume of the solution on 
addition of the NH4OH. 

MgCoOs3 dissolves to the extent of 4.3 X 107! g. per liter at 
room temperature. Assuming that it is completely ionized at 
this concentration, calculate its solubility product. 
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Calculate the concentration of the H* ion in a N/10 solution 
of NH,OH which is V/100 with respect to NHsNO3. Assume 
the latter to be completely dissociated. 

A solution containing 2.5 c.c. of 12N HCl in a total volume of 
100 c.c. is saturated at room temperature with H2S to pre- 
cipitate its CuS. The CuS is filtered, and the solution evapo- 
rated to dryness. Calculate the amount of CuCl that remains 
in the residue. The 8. P. for HeS is 1.1 K 10-78 and that of 
Cus 188.5 X 10. 
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INDEX 


Acetic acid 
and ammonium acetate, 162 
and barium chromate, 162 
and calcium carbonate, 157 
equilibrium constant, 116 
ionization table, 87 
Acids 
arsenic, 141 
phosphoric, 52 
polybasic, 52 
Active mass, constancy of, 95 
Activity, 91 
coefficient, 80 
Aluminium hydroxide 
and ammonium hydroxide, 165 
ionization of, 165 
Ammonium acetate 
and acetic acid, 162 
and barium chromate, 162 
Ammonium chloride 
and ammonium hydroxide, 111 
and common-ion effect, 111 
Ammonium hydroxide 
and ammonium chloride, cal- 
culations, 111 
ionization constant, 112 
Ammonium sulphide, 160 
Ammonium thiocyanate, 82, 84 
Amphoteric hydroxides, 122 et 
seq. 
and periodic table, 123 et seq. 
solution of, by acids and bases, 
127 


Argenticyanide ion, 143 
Argon, electron structure, 17, 
18 

Arrhenius’s theory, 49 
Arsenic acid, 14 
Arsenic sulphide, 141 
Aston and Dempster, 16, 28 
Atomic numbers, 12, 13 
Atomic weights, fractional, 16 
Attraction 

molecular, 80 

and concentration, 80 


Barium chromate 
precipitation of, 161 
and acetic acid, 162 
and ammonium acetate, 162 
Beryllium, electron structure 
and properties, 19 
Big Two, 115 
Bohr atom, 16 
Boiling, kinetic explanation, 35 
Boiling-point 
abnormal, 35, 40 
constant, 37 
rise, 36 
Bonds, single and double, 25 
Boron, electron structure and 
properties, 20 


Cadmicyanide ion, 145 
Calcium carbonate and acetic 
acid, 157 
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INDEX 


Calcium oxalate 

and acetic acid, 159 

and hydrochloric acid, 159 
Canal rays, 28 
Carbon, electron structure and 

properties, 20 
Carbon tetrachloride, 

representation, 26 
Charges, ionic, and Faraday’s 
Laws, 50 

Chloride ion oxidation, 152 
Chlorine 

electron structure, 27 

valance, 27, 28 
Chromate ion reduction, 149, 152 
Combination 

by electron exchange, 22, 23 

by electron-sharing, 23, 24 
Common-ion effect, 102 

applications of, 111, 162 
Complex ions 

of antimony, mercury, tin, 139 

of arsenic, 137, 138 

of cadmium, 145 

of copper, 133, 134 

of iron, 145 

of mercury, 144 

of silver, 148 

of zine, 136 

with ammonia, 133 

with cyanides, 143 

with sulphur, 137 
Compounds 

polar and non-polar, 26, 66 

with the solvent, 66 
Concentration 

and attraction, 80 

and equilibrium, 71 

gram-molecular, 86, 88 

law, 76 

molar, 76 


Lewis’s 


Conductivity, 35 
apparatus, 58 
equivalent, 57 
molar, 56 
of acids, bases, salts, 48, 49 
of ions, 61, 62 
of weak electrolytes, 60 
table, 56 
Constants 
dielectric, 65 
proportionality, 79 
Copper hydroxide, solution in 
ammonium hydroxide, 133 
Coulomb, 51 
Crystal and atomic structure, 
3 et seq. 


Debye-Hiickel theory, 91 
Dielectric constant, 65 
Dilution 
infinite, 57 
and dissociation, 53-55 
Dissociation, 32-37 
calculations for, 41, 42 
complete, 91 
effect of dilution, 53-55 
electrolytes, 39-41, 49 
modern theories, 90 
non-electrolytes, 39 
sodium chloride, 40 
Double decomposition, 38, 34 


Electrolytes 
behavior in 
tion, 32 34 
behavior in non-aqueous solu- 
tion, 32 34 
strong, ionization of, 90 
weak, 115, 116 
Electrolytic dissociation, 
rhenius’s theory of, 49 


aqueous solu- 


Ar- 
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INDEX 


Electrons, 4, 11 
and valence, 26, 51, 147 
pair, 17 
planetary, 14 
rings (shells), 14 
Equilibrium 
and concentration, 72 
and gas-formation, 73 
and ionic concentrations, 115 
and precipitate formation, 73 
and pressure, 71 
and temperature, 71 
ionic, 50, 85-88 
mass-action equation for, 96 
physical (heterogeneous), 95 
shift, types of, 117 
by insoluble compound, 117 
by weak compound, 120, 122 
by hydrolysis, 128 
by complex ions, 133, 140, 
143 
by oxidation and _ reduc- 
tion, 145, 154 
Evaporation of liquids, 35 
Exponential numbers, 103 et seq. 


Ferric chloride and ammonium 
thiocyanate, 82, 84 
Ferricyanides, 145 
Ferrocyanides, 145 
Ferrous sulphide, precipitation 
of, 161 
Fluorine 
electron-sharing, 24 
electron structure and proper- 
ties, 21 
Lewis’s representation, 25 
Freezing-point 
abnormal, 35, 40 
ice, 38 
solution, 38 


Freezing-point constant, 37 
Frequency, X-ray, 12 


Gas-formation, 73, 74 

Gram-molecular concentration, 
86, 88 

Gratings, diffraction, 7 


Harkins’s hypothesis, 15 
Helium 
electron structure, 17 
ion, 15 
Hydration of ions, 91 
Hydrolysis 
of ammonium cyanide, 132 
of sodium acetate, 131 
salt of strong acid and strong 
base, 128 
salt of strong acid and weak 
base, 129 
salt of strong base and weak 
acid, 130 
‘salt of weak base and weak 
acid, 132 
Hypochlorous acid, Lewis’s rep- 
resentation, 27 


Tonization, 48, 49 
and polarity, 27 
cause of, 66 
constant, 86 
degree of, 53, 63 
effect of solvent on, 64 
measurement by conductivity, 
57-59 
of acetic acid, 87 
of strong electrolytes, 90 
of water, 122 
table, 63, 64 
Tons 
combination with solvent, 91 


aver 


INDEX 


Tons, continued 
complex, 133 et seq. 
concentrations and  equilib- 

rium, 115 
equilibrium, 85-88 
hydration of, 91 
properties, 34 
speed, 53, 60, 61 
volume of, 91 

Tron 
divalence, 28 
electron structure, 28 

Isotopes, 28, 29 


K and L series, 12 
Kossel, 16 


Laws 
Avogadro’s, 37, 39 
Faraday’s, 50, 51 
Kohlrausch’s, 61 
Mass Action, 74 
application, 83 
derivation, 81-83 
limits of application, 89 
Molecular Concentration, 74, 
76 
Raoult’s, 35 
van’t Hoff’s, 72 
Lead sulphide 
and hydrochloric acid, 160 
calculations, 108, 109 
precipitation of, 108 
Lewis, 16 
method of representing atoms, 
25, 26 
Lewis-Langmuir-Kossel hypoth- 
esis, 21 
Lithium . 
electron structure and prop- 
erties, 18, 19 


valence, 26 
Lithium fluoride, electron com- 
bination, 22 


Magnesium hydroxide 
precipitation calculations, 110, 
111 
and common-ion effect, 111, 
112 
Mass Action, Law of, 81-83 
Mercurie cyanide, 144 
Mercuricyanide ion, 144 
Mhos, 56 
Mobility 
ionic, 62 
table, 63 
Molecular depression constant, 
37 
Molecular elevation constant, 37 
Molecular weight, calculation 
from freezing-point, 39 
Molecules, attraction of, 80 
Moseley, 12 


Neon, electron structure, 17 
Non-electrolytes, 37 
Nucleus, 11, 12 

Numbers, exponential, 103 





Octet theory, 17 
Ohms, 56 
reciprocal, 56 
Osmotic pressure, 42 
abnormal, 35, 46 
and gas laws, 44 
of electrelytes, 45 
Ramsay’s experiments, 42, 44 
Oxidation and reduction 
definition, 146, 147 
and electrons, 147 
equation writing, 148 et seq. 
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INDEX 


Oxygen 
combination — by 
sharing, 24 
Lewis’s representation, 25 


electron- 


Permanganate ion, reduction of, 


149, 153 

Phosphates, barium, strontium, 
calcium and magnesium, 
159, 163 


Phosphoric acid, 52 
Polarity of compounds, 26 
Polybasic acids, ionization of, 
52 
Potassium chloride, dissociation 
of, 90 
Precipitate formation, 73, 75 
Precipitation and — solubility 
product, 98 
Pressure 
atmospheric, 35 
osmotic, abnormal, 35 
Proportionality constant, 79 
Protons, 11 
Prout’s hypothesis, 15 


Questions 
and problems, 168 e¢ seq. 
typical, and answers, 157 


Radioactivity, 9 
Raoult’s Law, 35 
Rays 
alpha, 11 
alpha, beta, and gamma, 9 
anode, 4 
cathode, 4 
Rontgen, 5 
Reaction, speed of, 70, 77, 78, 79 
Reduction and oxidation 
and electrons, 147 


definition, 146, 147 
equation writing, 148 et seq. 


Silver acetate 
and common-ion effect, 102 
solubility product, 99 
solubility table, 103 
Silver bromide, solution in am- 
monium hydroxide, 167 
Silver chloride 
solution in ammonium hy- 
droxide, 166 
re-precipitation by nitric acid, 
166 
Silver cyanide, 148 
Silver iodide, 101 
solution in ammonium hy- 
droxide, 167 
Silver phosphate, 
product, 101 
Silver sulphide, 154 
and hydrochloric acid, 154 
and nitric acid, 154 
Sodium, electron structure and 
properties, 21, 22 
Sodium chloride, Lewis’s repre- 
sentation, 25 
Solubility products 
application of, 117 
limits, 98 
calculations, 99-101, 108-113 
derivation, 97 
magnitude of, 107 
practical use of, 108-113 
table of, 107 
Solvent 
and ionization, 64, 65 
combination with ions, 91 
Space-lattices, 8 
sodium chloride, 8, 9 


solubility 


Mio 


INDEX 


Stannous hydroxide 

and sodium hydroxide, 163 

precipitation of, 163 

solution of, 163 
Sulpharsenate ion, 137, 138, 139 
Sulphide ion 

concentration in acid and 

alkaline solution, 160 

oxidation, 153 
Sulphides of Co-Fe group, 159 
Sulphomercurate ion, 139 
Sulphostannate, 139, 140 
Sulphostibnate ion, 139 


Tin 
divalence, 28 
isotopes, 29 


Vacuum-tube, 3, 5, 28 
Valence 
and electrons, 26, 51, 147 
multiple, 28 


Vapor pressure 
curve for ice and water, 38 
lowering, 36, 37 
of solution, 36 

Vapor tension, 35 


Water 
as a solvent, 34 
ionization constant, 122 
Weak compounds, 117 


X-ray(s), 3 
nature, 6 
photographs, 6 
properties, 5, 6 
spectra, 6, 7 
wave-length, 7 
tube, 12 


Zine sulphide 
calculations for, 110 
precipitation, 110 
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